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Graduate School of Arts and Sciences 
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Professor Young-Shin Jun, Chair 
Manganese (hydr)oxide (Mn (hydr)oxide) minerals are ubiquitous in aquatic and terrestrial 
environments. These minerals have high surface areas and are highly sorptive and redox active. 
From decades of accumulated knowledge about natural redox cycling, we have found that Mn 
(hydr)oxides play critical roles as electron donors and acceptors in elemental geochemical cycling 
and biological metabolisms in nature. Thus, Mn (hydr)oxides have garnered increasing interest to 
understand natural systems. Considering the variety of redox reactions with Mn (hydr)oxides in 
nature, it is also expected that there should be diverse pathways to form Mn (hydr)oxides through 
abiotic and biotic processes. Previous studies have focused on biotic oxidation and mineralization, 
and found that biotic processes are the dominant mechanism, with much faster oxidation of Mn2+ 
(aq) to Mn(IV) than observed in abiotic processes. Even in biotic processes, however, our 
understanding of the oxidation and formation mechanisms of Mn (hydr)oxides is limited. And not 
surprisingly, our understanding of the abiotic oxidation and formation of Mn (hydr)oxides is even 
more elusive. Therefore, further studies of oxidation of Mn2+ (aq) to Mn(IV) and consequent 
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formation of Mn (hydr)oxides in both abiotic and biotic systems are necessary to reveal how nature 
forms current shapes of Mn (hydr)oxides, and uses them for natural redox reactions. Specifically, 
understanding the early nucleation mechanisms and kinetics of Mn (hydr)oxides is important 
because these nanoparticles can be starting points for bulk mineral formations of interest in both 
environmental and engineering applications. Therefore, in this dissertation, we have investigated 
the diverse oxidation and formation mechanisms of Mn (hydr)oxides in aqueous systems through 
both abiotic and biotic pathways. We have provided an advanced understanding of the Mn 
(hydr)oxide nucleation and phase transformation process by accomplishing three objectives. 
First, the nucleation mechanism and kinetics of Mn(OH)2 (s) nanoparticles on quartz 
surfaces and in solutions were elucidated under varied ionic strength (IS) and pH conditions. Here, 
we found that varied IS and pH conditions influence the kinetics of Mn(OH)2 (s) formation on 
quartz, and change in the structural match between Mn(OH)2 (s) and quartz. From this objective, 
we provided a new quantitative and qualitative understanding of the influence of IS and pH on Mn 
(hydr)oxide formation, and of the mechanisms of heterogeneous nucleation of Mn (hydr)oxides 
on quartz substrates. 
Second, the biomimetic oxidation of Mn2+ (aq) to Mn(III) and the subsequent 
biomineralization mechanism to α-Mn(III)OOH nanoparticles were studied using apoferritin, a 
protein produced by almost all living organisms, including bacteria, plants, and animals. The biotic 
processes of manganese oxidation by bacteria have been studied widely. However, in the literature, 
there are only limited explanations of how certain protein molecules mediate the formation of Mn 
(hydr)oxides inside the proteins’ cavity. Using the colorimetric method, we analyzed the kinetics 
of α-MnOOH core formation under varied experimental conditions, and found that Mn2+ and OH- 
are rate-determining agents, with orders of reaction of 2 and 4, respectively. This new information 
xii 
 
on the protein-mediated oxidation and formation of Mn (hydr)oxide gives important insights into 
the mechanisms of protein-mediated oxidation and the formation of Mn (hydr)oxides in natural 
systems. 
Finally, we investigated the photochemically-assisted fast oxidation of Mn2+ (aq) and 
consequent formation of Mn(IV) oxides in inorganic abiotic systems. Even in the absence of 
organic matter and microorganisms, and contrary to prior reports, we found that Mn2+ (aq) is 
oxidized to Mn(IV) very rapidly under simulated sunlight. We observed Mn oxide nanoparticle 
formation and characterized the morphology and oxidation state change by reaction with a 
generated reactive oxygen species (ROS) source under simulated sunlight. The analyses of the 
oxidation state indicated the formation of Mn(IV) oxide, and in particular, of layered birnessite 
nanoparticles. We also found that in the presence of an inorganic ligand, pyrophosphate (PP), Mn 
(IV) oxide phase formation was enhanced and its structural change could be controlled by varying 
the concentration of PP. Elucidating the fast oxidation rate of Mn2+ (aq) into Mn(IV) oxides in 
inorganic abiotic systems, facilitated by ROS and a ligand, is a new and original contribution. Our 
results provide a novel, environmentally friendly, and facile synthetic pathway to make layered 
birnessite, which can be easily adapted by industry.  
The advanced findings of this dissertation research provide crucial insights into the redox 
reactions and nucleation of Mn (hydr)oxides in dynamic natural and engineered environmental 
systems. They can also help to design environmentally benign nanoparticle synthesis methods and 
to control the phase identities of Mn (hydr)oxides, promoting their utility in engineered 
applications, such as Li-ion battery cathodes and heavy metal remediation. 
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Chapter 1: Introduction 
1.1 Introduction 
Manganese (hydr)oxide (Mn (hydr)oxide) minerals are ubiquitous in the environment.1-2 These 
minerals have high surface areas, and are very active in sorptive and redox reactions.2 Also, Mn 
(hydr)oxide minerals are strong natural oxidants in many environmental systems. Because of these 
characteristics, Mn (hydr)oxides are known to be excellent scavengers of redox-active species and 
heavy metals, including As,3-4 Zn,5-6 Co,7-8 Cu,9 Ni,9 Pb,10 U,11-15 Cr ,16-17 and Cd.18  
In natural systems, three commonly existing oxidation states of Mn (hydr)oxide minerals 
are Mn(II), Mn(III), and Mn(IV).2 For the Mn(II) state, Mn(OH)2 (s), MnS (s), and MnCO3 (s) 
exist. Mn(III) (hydr)oxides are Mn3O4, MnOOH, and Mn2O3. MnO2 is the Mn(IV) oxide mineral. 
Specifically, MnOOH and MnO2 have a large number of polymorphs. These Mn (hydr)oxides 
undergo oxidation-reduction and cation-exchange reactions and play a major role in controlling 
groundwater chemistry in aqueous systems.1 Because of its various oxidation states, the redox 
chemistry of manganese is also important in plant and human life, where it transfers electrons 
during metabolism.19-20 Mn (hydr)oxides also have engineering applications, such as cathodes in 
Li-ion battery systems.21-22 Therefore, the formation of Mn (hydr)oxides is crucial to understand 
the fate and influence of Mn (hydr)oxides in natural and engineered systems. 
1.1.1 Manganese oxidation 
Although Mn(II) solids can exist as Mn(OH)2 (s), MnS (s), and MnCO3 (s), Mn(II) is not a 
dominant oxidation state in many environmental Mn (hydr)oxide phases. Mn(III) and Mn(IV) 
oxides are more abundant Mn (hydr)oxide phases.1-2, 23-24 In aqueous systems, it has been thought 
that the most abundant aqueous manganese is Mn2+ (aq). However, contrary to this belief, recent 
studies revealed that the soluble Mn(III) complex is the major aqueous Mn species in porewater 
2 
 
and sub-oxic water.25-26 Soluble Mn(III) occurs via complexation with organic or inorganic 
ligands, such as siderophore desferrioxamine B (DFOB) and pyrophosphate (PP).13, 27-28 Both the 
abundance of soluble Mn(III) and its variable redox reactivity with varied ligand complexes 
illuminate the importance of understanding soluble Mn(III) in environmental and engineered 
systems.13, 27-28  
The study of manganese oxidation is crucial not only for understanding natural systems, 
but also for engineering processes to remediate manganese-rich environments, such as acid mine 
drainage (AMD) site, and the pollution sites by rich organic matter.29 Manganese oxidation is a 
very slow reaction that is kinetically-controlled. The slow oxidation of manganese is the chief 
obstacle precipitating it from aqueous manganese species. Without high pH, autocatalysis, or Mn-
oxidizing bacteria, the oxidation of Mn2+ (aq) takes a very long time.24, 30 For example, in Diem 
and Stumm’s study, Mn2+ (aq) concentration remained at the same level over years in 10 mM 
nitrate and  20 μM Mn(NO3)2 at pH 8.4 in the presence of O2 (PO2 = 0.2 atm).30 A high pH and 
autocatalysis both promote faster oxidation of manganese.24, 31-33 Previous studies have explored 
the impacts of pH, auto-catalysis, and microbes on manganese oxidation.23-24, 34-36 Morgan reported 
that Mn(OH)2 (aq) is the biggest contributor to the oxidation of Mn
2+ (aq) to Mn(III), because 
manganese can obtain a electron from oxygen by inner-sphere electron transfer.24 Therefore, a 
high pH condition promotes manganese oxidation by increasing the OH- (aq) concentration to form 
Mn(OH)2 (aq), and high pH conditions have been applied in the remediation systems to speed up 
manganese oxidation. Previous research has also shown that bacteria and fungi accelerate the 
oxidation of Mn2+ (aq) to Mn(IV).20, 34-35, 37-39 Thus, bacteria-mediated Mn oxidation is believed to 
be the biggest oxidative pathway from Mn2+ (aq) to Mn(IV) in natural systems. Although there are 
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many studies on manganese oxidation in both abiotic and biotic systems, the mechanism and 
contributing factors of the oxidation process are still less clear.  
Abiotic processes. Morgan and Hem conducted many crucial studies on the kinetics and 
mechanism of Mn oxidation at diverse abiotic conditions.9, 18, 24, 36, 40-44 Specifically, pH and auto-
catalytic effects showed significant contributions to manganese oxidation. pH crucially controls 
the kinetics because the oxidation rate is known to be proportional to [OH-]2 23-24, as seen in 
equation (1.1).  
Mn2+ (aq) + 2OH- (aq) → Mn(OH)2 (aq).      (1.1) 
Mn(OH)2 (aq) + O2 (aq) → Mn (III) oxides      (1.2) 
A higher concentration of Mn(OH)2 (aq) can cause faster Mn(III) oxidation, as shown in 
equation (1.2). the kinetics of manganese oxidation have been studied under different natural 
aqueous conditions (e.g., sea water or ground water) with varied ionic strengths (IS).23 However, 
IS shows no significant influence on oxidation kinetics. Based on equation (1.2), there is no cation 
and anion, which would be affected by varied IS values. When foreign materials, not only Mn 
(hydr)oxides but also many metal (hydr)oxides, are placed in experimental systems, the kinetics 
of manganese oxidation show much faster oxidation.33, 36 The promoted oxidation behavior in 
heterogeneous systems has been elucidated by enhanced electron transfer and a lowered activation 
energy barrier.36 The auto-catalytic effect can be also affected by the size of foreign particles. 
Hochella’s group showed that manganese oxidation in the presence of 7 nm particles of FeOOH 
was an order of magnitude faster than for 30 nm FeOOH.33 This result showed the effect of nano-
size on manganese oxidation.  
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Photochemical processes are also important for triggering redox reactions in the cycling 
among Mn(II), Mn(III), and Mn(IV) in surface water environments.45-47 A few studies have 
showed photochemically-induced oxidation with organics.38, 48 Nico et al. showed the fast 
oxidation of Mn2+ (aq) to Mn(III), and mentioned that Mn(III) was the most dominant oxidation 
state in the presence of natural organic matters and light exposure.48 However, while previous 
studies found oxidation and consequent formation of Mn(III) (hydr)oxides, there is no study 
showing the further oxidation to Mn(IV) in natural abiotic inorganic processes.  
Biotic processes. In aqueous systems, bacteria (e.g., Bacillus sp. Strain SG-1,49 Leptothrix 
discophora strain SS-150, Pseudomonas putida strains MnB1 and GB-1,51-52 and marine 
alphaproteobacterium Roseobacter sp. AzwK-3b34, 37) accelerate redox reactions in diverse 
mineral systems. So far, for manganese oxidation, because of the much faster oxidation of Mn2+ 
(aq) to Mn(IV) in the presence of bacteria than that in abiotic systems, naturally formed Mn 
(hydr)oxides are believed to be dominantly triggered by biotic processes.20 The kinetics to oxidize 
Mn2+ to Mn(IV) cannot occur within a short time period in abiotic systems. However, bacteria can 
make this possible. Tebo and Hansel’s groups have studied Mn-oxidizing bacteria and their 
mechanism in environmental systems.20, 35, 37, 39, 53-56 They showed the enzyme-mediated oxidation 
of Mn2+ (aq) to Mn(IV), and they also demonstrated the oxidation of Mn2+ (aq) to Mn(IV) by 
superoxide (O2
-), which is generated by an external cellular process of bacteria. Layered birnessite, 
δ-MnO2, was produced from oxidation in biotic systems.53 In natural systems, not only bacteria, 
but also proteins have been also found to be oxidizing agents of Mn.57-59 However, while many 
studies show the fast oxidation of Mn in biotic processes, the kinetics and reaction mechanisms 




1.1.2 Nucleation and growth of Mn (hydr)oxides 
Heterogeneous and homogeneous nucleation of Mn (hydr)oxides. In abiotic and biotic 
processes, Mn2+ (aq) can be oxidized to be Mn(III) or Mn(IV). When the saturation ratio becomes 
larger than one in a solution, nucleation of Mn (hydr)oxides occurs. 
  σ = IAP/Ksp,         (1.3) 
where σ is the saturation ratio, IAP is the ion activity product of the reactants, and Ksp is the 
equilibrium constant. Nucleation occurs via the formation of embryos or pre-nucleation clusters. 
Thermodynamically, when the bulk energy overcomes the interfacial energy of embryos, 
nucleation occurs by creating particles equal to or bigger than the critical radius.60 Depending on 
the role of foreign substrates, nucleation can occur either homogeneously or heterogeneously. In 
homogeneous nucleation, the nucleation occurs in solution, while in heterogeneous nucleation, the 
nucleation occurs at pre-existing substrates.60  
In nature, abundant foreign minerals (e.g., quartz) provide substrates for heterogeneous 
nucleation.61-63 Recent works have shown that template-directed nucleation affects the structures 
and morphologies of natural minerals through the arrangement of prenucleation clusters and 
oriented aggregation.64-65 There are a few limited studies of the morphology of heterogeneously 
formed Mn (hydr)oxides. Using atomic force microscopy (AFM) and X-ray photoelectron 
spectroscopy (XPS), Junta and Hochella reported a microscopic and spectroscopic study of the 
heterogeneous nucleation of Mn (hydr)oxides on the surface of hematite (Fe2O3), albite 
(NaAlSi3O8), and goethite (FeOOH).
31, 66 The heterogeneous nucleation and growth showed that 
precipitation occurs preferentially at steps and kinks. Jun and Martin reported the precipitation of 
Mn (hydr)oxides on manganese carbonate surfaces.67-70 Specifically, the precipitation was driven 
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by supersaturation of Mn2+ (aq), which came from the dissolution of the manganese carbonate 
substrate, and oxidation of Mn2+ (aq) to Mn(III) by molecular oxygen.  
In nature, the most abundant oxidation state of natural Mn (hydr)oxides is Mn(IV). 
Precipitation in aqueous systems occurs from the oxidation of Mn2+ (aq) to Mn(IV), with Mn(III) 
as an intermediate. While there has been great progress in understanding the chemical and 
biological mechanisms of Mn oxidation, the mechanism of mineralization to Mn(IV) oxide 
particulates is elusive. Moreover, although the homogeneous oxidation and consequent formation 
of Mn(IV) oxide produces many polymorphs in nature, in the laboratory, only layered birnessite 
forms in aqueous solutions, as a result of homogeneous nucleation and growth. 34, 71-73 
Interestingly, the Mn(IV) oxide coatings with various polymorphs occur commonly on rock 
surfaces.1, 72 While there is a strong implication that heterogeneous nucleation and growth on 
foreign mineral substrates governs the formation of various Mn(IV) oxides, no systematic study 
has confined this.  
Theoretical model for heterogeneous and homogeneous nucleation. To elucidate both 
homogeneous and heterogeneous nucleation kinetics, the nucleation rate is given according to 






















      (1.4) 
where f and f’’ are the interfacial correlation functions describing the influence of foreign particles 
on the nucleation barrier, J is the nucleation rate, J0 is the kinetic factor, γnf is the interfacial energy 
(J/m2) between nucleating particles and fluid, k is the Boltzmann constant (1.38 × 10-23 J/K), T is 
the temperature, Ω is the volume of growth unit (cm3/molecule), rc is the critical radius, Rs is the 
average radius of foreign particles of a spherical shape, x is the relative size of foreign particles 
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(Rs /rc), and m is the parameter depending on the interaction and structural matching between the 
nucleating particle and the substrate. It is related to the interfacial energy between two different 
phases as, 
m  = cos θ = (γsf - γsn) / γnf          (1.5) 
where γsf , and γsn is the interfacial energy between substrate and fluid, and the interfacial energy 
between substrate and nucleating particle, respectively. From the interaction and structural match 
between nucleating particle and substrate, m, the nucleation rate on substrate, J, and interfacial 
correlation can be decided. By expressing the integrated term of interfacial energies as m in 
equation (1.5), it represents the contact angle between substrate and nucleating particles. Because 
both f and f’’ are derived from surface area and volume of the nucleating particle on the substrate, 
these are controlled by m. When m → 1, which means that contact angle goes to zero, the 
nucleating particle has a good structural match with the substrate, and f and f’’ goes to zero. On 
the other hand, when m → -1, and x = 0, f and f’’ become 1, the equation (1.4) describes the 
homogeneous nucleation rate. When x > 100, a foreign particle can be considered as a substrate. 
1.1.3 Significance, knowledge gaps, and objectives 
According to the Environmental Protection Agency (EPA), manganese is an essential metal 
for all animals, but deficiencies or excessive amounts can lead to harmful effects.76-77 Manganese 
naturally occurs in the soil and is present in our drinking water from various sources. Despite our 
familiarity with manganese, metal nanoparticles can display different properties from bulk 




Manganese contamination can be easily found in natural aqueous systems. For example, 
roughly 50% of ground wells in North Carolina have Mn concentrations exceeding the state 
standard of 0.05 mg/L, which is a concern for drinking water supplies.77-78 Anthropogenic systems, 
including acid mine drainage and pollution of organic matter, cause high concentrations of 
manganese in aqueous systems.76, 79 Efficiently remediating these contaminated sites is crucial not 
only economically, but also environmentally. In addition, understanding the oxidation and 
formation of Mn (hydr)oxides under various conditions can help elucidate the phase 
transformation of Mn (hydr)oxides in nature under various redox potential conditions. 
Furthermore, Mn (hydr)oxides have great sorption capacity, and are an oxidant for heavy metals 
and organic materials. Therefore, understanding their electron transfer kinetics and formation in 
solutions and on surfaces can help use Mn (hydr)oxides in engineering remediation processes and 
provide a greater understanding of environmental mechanisms.  
To date, we have only limited knowledge about the early formation stages of Mn 
(hydr)oxides. Although previous studies provide a good starting point to understand the formation 
of Mn (hydr)oxides on a substrate, they focused only on a later stage of nucleation of Mn 
(hydr)oxide, i.e., the film growth of Mn (hydr)oxides on substrates. In addition, Junta and 
Hochella’s work did not explain the observed two different precipitation mechanisms.31 Jun and 
Martin’s work was conducted in a pure oxygen environmental under 1 atm.69 Thus, a more 
naturally relevant study would better elucidate the early stage of nucleation and growth of Mn 
(hydr)oxides on foreign surfaces. Furthermore, although Mn(OH)2 (aq) is acknowledged to be the 
biggest contributor to manganese oxidation, how it can change the nucleation behaviors of Mn 
(hydr)oxides in solution and on surfaces is unknown. Although early studies showed that IS does 
not affect Mn (hydr)oxides significantly,23 we need to note that IS can be a crucial factor, together 
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with pH, to control the fate of Mn(OH)2 (aq). Nucleation and growth mechanisms of Mn 
(hydr)oxides in biogenic processes are also not fully understood yet. Specifically, protein mediated 
biomimetic oxidation and formation of Mn (hydr)oxide is obscure because of limited techniques 
for in situ analyses. Also, the characteristics of Mn (hydr)oxides synthesized in different ways, 
such as by abiotic and biotic methods, are not fully known. Furthermore, nature sunlight exposure 
can facilitate redox reactions of manganese in environmental systems via reactive oxygen species 
generated by the light exposure.80-82 However, most studies of light–induced reactions of 
manganese have been focused only on dissolution behaviors.80, 83-84 Light-induced manganese 
oxidation has been studied only by using a humic acid substrate and bacteria.37, 48 Our 
understanding of inorganic abiotic processes responsible for manganese oxidation in sunlight 




1.2 Research Objectives 
Objective 1 Investigate Mechanisms and Kinetics of Nucleation and Growth of Manganese 
(hydr)Oxides on Quartz at Varied Ionic Strength (IS) and pH 
Task 1: Elucidate the mechanisms of the varied nucleation behaviors of Mn (hydr)oxides on 
quartz under varied IS and pH conditions. 
Significance: Ionic strength and pH are important factors affecting the reaction performance of 
all ionic species and dissolved gases. Mn(OH)2 (aq) is the biggest contributor to manganese 
oxidation. Hence, if the formation of Mn (hydr)oxides is affected by varied IS and pH 
conditions, this can influence the kinetics of Mn (hydr)oxide formation and the subsequent 
further oxidation of Mn. From this objective, we provided a quantitative and qualitative 
understanding of the influence of IS and pH on Mn (hydr)oxide formation, and the mechanisms 
of heterogeneous nucleation of Mn (hydr)oxides on quartz substrates. 
 
Objective 2 Unravel Kinetics of α-MnOOH Nanoparticle Formation through 
Enzymatically-catalyzed Biomineralization inside Apoferritin 
Task 2: Investigate the biomimetic synthesis mechanisms and the kinetics of the formation of 
apoferritin-mediated Mn (hydr)oxides with in situ analysis of Mn oxidation. 
Significance: Biotic processes of manganese oxidation by bacteria have been studied widely. 
However, in the current literature, there is a very limited explanation of how certain protein 
molecules mediate the formation of Mn (hydr)oxides inside the proteins’ cavity. This formation 
mechanism can be important in understanding the formation of Mn (hydr)oxides in biogenic 
mechanisms. Apoferritin is a representative protein which has been applied as a template to 
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synthesize monodisperse nanoparticles. Revealing key controlling factors of the nucleation and 
growth of Mn (hydr)oxide nanoparticles in apoferritin will provide a new way to manipulate the 
nucleation kinetics and nanoparticle size of Mn (hydr)oxide in biomimetic pathways for 
engineering applications. Based on our study, understanding the mechanism of Mn (hydr)oxide 
formation in apoferritin can be also applied to other mineral formations and protein templates. 
 
Objective 3 Investigate the Photochemically-assisted Fast Abiotic Oxidation of Manganese 
and the Formation of Mn(IV) Oxides in Nitrate Solution 
Task 3: Investigate the influence of sunlight on manganese oxidation and the triggering 
mechanisms of Mn oxidation. Investigate the role of an inorganic ligand (pyrophosphate (PP)) 
and a quartz substrate in the oxidation of Mn2+ (aq) to Mn(IV) and the consequent formation of 
Mn(IV) oxide under sunlight exposure in nitrate solution.  
Significance: In environmental systems, we often find that sunlight changes slow reactions to 
fast ones. However, there is no systematic study of the inorganic promotion of manganese 
oxidation (in particular, Mn2+ (aq) to Mn(IV)) by sunlight exposure in abiotic systems. Our study 
will provide new, crucial information on the formation of Mn (hydr)oxide with high oxidation 
states, such as Mn(IV). Preliminary findings indicate that Mn(IV) oxide formed abiotically 
under sunlight has a formation rate comparable to that of bacteria-mediated Mn (hydr)oxide 
formation, which has hitherto been believed to be the dominant pathway of Mn oxidation.  
While there are more than 30 species of natural Mn (hydr)oxides, how they all form is unknown. 
Here, we show possible mechanisms for creating the various structures of Mn (hydr)oxides, 
based on the results of the structural changes of birnessite and the tunneled structure of Mn(IV) 




Figure 1.1 illustrates the scientific questions arising from the three objectives and tasks. The 
overarching goal of the tasks is to explore the unknown kinetics and mechanisms of the oxidation 
of Mn2+ (aq) and the formation of Mn (hydr)oxides in abiotic and biotic systems. The findings also 
suggest a new green chemistry principle to synthesize Mn (hydr)oxide catalysts or remediate Mn 
contaminants in energy and environmental systems. The abiotic and biotic approaches illuminate 
the early formation mechanism of Mn (hydr)oxides on quartz and in apoferritin, including the 
phase identification of Mn (hydr)oxides.  
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Chapter 2: Investigate Mechanisms and Kinetics of Nucleation and Growth of 
Manganese Oxides on Quartz at Varied Ionic Strength and pH 
Portions of this chapter have been published in Environmental Science & Technology, 2016, 50, 
105–113, and in Langmuir, 2016, 32, 10735–10743. 
2.1 Overview 
The early formation of manganese (hydr)oxide nanoparticles at mineral–water interfaces 
is crucial in understanding how Mn oxides control the fate and transport of heavy metals and the 
cycling of nutrients. Using atomic force microscopy, we investigated the heterogeneous nucleation 
and growth of Mn (hydr)oxide under varied ionic strengths (IS; 1–100 mM NaNO3). Experimental 
conditions (i.e., 0.1 mM Mn2+ (aq) concentration and pH = 10.1) were chosen to be relevant to Mn 
remediation sites. We found that IS controls Mn(OH)2 (aq) formation, and that the controlled 
Mn(OH)2 (aq) formation can affect the system’s saturation and subsequent Mn(OH)2 (s) and 
further Mn3O4 (s) nanoparticle formation. In 100 mM IS system, nucleated Mn (hydr)oxide 
particles had more coverage on the quartz substrate than those in 1 mM and 10 mM IS systems. 
This high IS also resulted in low supersaturation ratio and thus favor heterogeneous nucleation, 
having better structural matching between nucleating Mn (hydr)oxides and quartz.  
We also investigated the effect of pH on the initial nucleation of Mn(OH)2 (s) on quartz. 
Under various pH conditions of 9.8, 9.9, and 10.1, we analyzed the structural matches between 
quartz and heterogeneously nucleated Mn(OH)2 (s). The structural matches were calculated by 
measuring lateral and vertical dimensions using grazing incidence small angle X-ray scattering 
(GISAXS) and atomic force microscopy (AFM), respectively. We found that a poorer structural 
match occurred at a higher pH than at a lower pH. The faster nucleation at a higher pH condition 
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accounted for the observed poorer structural match. By fitting the structural match using classical 
nucleation theory, we also calculated the interfacial energy between Mn(OH)2 (s) and water (γnf = 
71 ± 7 mJ/m2). The calculated m values and γnf provided the variance of interfacial energy between 
quartz and Mn(OH)2 (s): γsn = 262–272 mJ/m2. This study provides new qualitative and 
quantitative information about heterogeneous nucleation on environmentally an abundant mineral 
surface, quartz, and it offers important underpinnings for understanding the fate and transport of 
trace ions in environmental systems. 
2.2 Introduction  
Manganese (hydr)oxide (for simplicity, Mn (hydr)oxide) minerals are ubiquitous in aquatic 
and terrestrial environments. These minerals have a high surface area, and undergo sorptive, redox, 
precipitation, and dissolution reactions.2 Because of these characteristics, in aqueous environments, 
precipitated Mn (hydr)oxides on mineral surfaces are excellent scavengers of redox active species 
and heavy metals, including As,3-4, 85 Zn,5-6 Co,7-8 Cu,9 Ni,9, 86 Pb,10 U,11-15 Cr,16, 87-88 and Cd.18 
Although the impacts of the Mn oxide precipitation on aqueous geochemistry are apparent, our 
current understanding of the early stage of nucleation and growth of Mn oxide on environmentally 
abundant mineral substrates is still limited.  
Thermodynamically, nucleation occurs by creating particles equal to or larger than the 
critical nucleus radius,60 when the bulk free energy overcomes the interfacial free energy of nuclei. 
Prior to these nucleation events, embryos or pre-nucleation clusters can form. Depending on the 
absence or presence of foreign substrates, nucleation can occur via homogeneous nucleation or 
heterogeneous nucleation, respectively. In recent years, using atomic force microscopy (AFM), 
transmission electron microscopy (TEM), and synchrotron based X-ray techniques, technical 
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advances have illuminated early stage homogeneous and heterogeneous nanoparticle nucleation 
mechanisms and kinetics and their crystallization processes.89-95   
However, there are only a few studies on the formation of Mn oxide on environmentally 
abundant mineral substrates via heterogeneous nucleation. Junta and Hochella studied the 
heterogeneous nucleation of manganese oxide using atomic force microscopy (AFM) and X-ray 
photoelectron spectroscopy (XPS) on the surfaces of hematite (-Fe2O3), albite (NaAlSi3O8), and 
goethite (-FeOOH).31, 66 They found that Mn oxide precipitates formed through substrate-
controlled growth on hematite or goethite (i.e., thin layers of Mn oxide on hematite or goethite). 
On the other hand, on albite surfaces, Mn oxide precipitates formed through precipitate-controlled 
growth (i.e., large patches of Mn oxide formed only at the steps and edges of albite). Jun and 
Martin reported on the precipitation of manganese oxide from dissolved Mn2+ (aq), which 
originated from Mn carbonate, rhodochrosite. This carbonate mineral also served as the substrate 
for heterogeneous precipitation.67-70 Precipitation for this system was driven by supersaturation of 
Mn2+ (aq) and oxidation of Mn2+ (aq) by molecular oxygen. While these previous studies provided 
a good basis for understanding the heterogeneous formation of Mn oxides, they focused primarily 
on the film growth of Mn oxide. Thus, a more systematic study is needed to elucidate the 
mechanism of early stage nucleation and growth to better predict the fate and transport of toxic 
contaminants, and the cycling of nutrients in the environment.95  
In abiotic processes, controlling IS and pH can result in ion activity and supersaturation 
ratio changes in solutions, as expressed by 
σ = IAP/Ksp,         (2.1) 
where σ is the saturation ratio, IAP is the ion activity product of the reactants, and Ksp is the 
solubility product (equilibrium constant). Changes in electrostatic interaction under varying the IS 
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can also affect particle formation.96-97 Although IS is a key factor controlling Mn oxidation and 
nucleation of solid phases, its role is still elusive.  
In solution, dissolved Mn(II) ions can exist as three aqueous species: Mn2+ (aq), Mn(OH)+ 
(aq), and Mn(OH)2 (aq). Among these, the formation of Mn(OH)2 (aq) is the rate-limiting step for 
Mn(II) oxidation.23-24  
Mn2+ (aq) + 2OH- (aq) → Mn(OH)2 (aq).      (2.2) 
In equation (2.2), Mn(OH)2 (aq) is produced by the reaction of two hydroxide anions and Mn
2+ 
(aq) cations, and is sensitive to pH and IS changes. Furthermore, as described above, the changes 
of ion activity can affect the formation of Mn(OH)2 (s), which can be the initial form of Mn 
(hydr)oxide solid phases. Once Mn(OH)2 (s) forms, it transforms to higher oxidation states (III or 
IV) of Mn (hydr)oxides.24, 41, 61 Therefore, Mn(OH)2 (s) is important in the initial formation and 
phase transformation of Mn (hydr)oxides in the environment. pH is a major contributor to the 
kinetics of Mn (hydr)oxide nucleation because Mn(OH)2 (s) is produced through hydrolysis.
24 In 
addition to pH effects, overall Mn oxidation kinetics to form Mn(III) (hydr)oxides can also be 
strongly influenced by the effects of IS on the activity changes of Mn2+ (aq) and OH- (aq), which 
control the concentration of Mn(OH)2 (aq). Hence, elucidating the influences of IS and pH on the 
formation of Mn(OH)2 (aq) can be crucial in understanding Mn (hydr)oxide phase nucleation and 
growth behavior, as well as Mn oxidation kinetics in environmental systems. 
The aim of this study is, therefore, to investigate the heterogeneous nucleation of Mn 
(hydr)oxide nanoparticles at varied IS and pH. The experimental conditions were carefully chosen 
to be relevant to acid mine drainage remediation sites, where high pH remediation practices are 
used to mitigate high Mn2+ concentrations,98-100 but were simplified to clearly elucidate the role of 
IS and pH in the early stage of heterogeneous Mn (hydr)oxide nucleation. Based on these 
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experimental observations, for the first time, we show how IS and pH can induce supersaturation 
ratio changes with respect to Mn(OH)2 (s) and further affect the structural match between newly 
precipitated Mn (hydr)oxides and quartz substrates. We also report here interesting changes in the 
morphology, size, and number concentration of heterogeneously nucleated Mn (hydr)oxide 
nanoparticles. Further, using the calculations of heterogeneous nucleation rate, we obtained the 
interfacial energy between Mn(OH)2 (s) and water by fitting the structural match values under 
various supersaturation conditions. This study will be beneficial not only for understanding the 
environmental mechanism of Mn (hydr)oxide formation, but also for materials syntheses via 
heterogeneous nucleation and growth on substrates.  
2.3 Materials and Methods 
2.3.1 Substrate and solution preparation.  Quartz, an environmentally-abundant mineral, was 
selected as a model surface.92 Synthetically grown, 0.5 mm thick (10 1 0) quartz, which is one of 
the three common crystal faces of natural quartz,101 was used as a substrate for heterogeneous 
nucleation of Mn (hydr)oxides. The quartz wafer was cut to 0.5 cm × 0.5 cm to fit into batch 
reactors. Before the reaction, quartz substrates were cleaned and prepared as described in the 
Supporting Information (2-S1). Reaction solutions (Table 2-S1) were prepared with reagent-grade 
Mn(NO3)2·4H2O (99.98 %, Alfa aesar), NaNO3 (J. T. Baker ACS Reagent Grade), NaOH (J. T. 
Baker ACS Reagent Grade), and ultrapure deionized water (resistivity > 18.2 MΩ-cm).  
 To analyze the effect of IS, all experiments used an initial pH of 10.1 and Mn2+ (aq) 
concentration of 100 μM. The IS was changed by altering the NaNO3 concentration to be 1 mM, 
10 mM, or 100 mM.  
To analyze the effect of pH, in all experiments, as shown in Table 2-S1, we used an IS of 
100 mM (NaNO3, J. T. Baker ACS Reagent Grade) and 100 μM Mn2+ (aq) (Mn(NO3)2·4H2O, Alfa 
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aesar). All chemicals were reagent-grade, and ultrapure deionized water (resistivity > 18.2 MΩ-
cm) was used to make solutions. Reactions were conducted for 5, 15, 30, and 60 minutes. The 
initial pHs were tuned to be 9.80 ± 0.03, 9.89 ± 0.01, and 10.12 ± 0.04 (which we will term 9.8, 
9.9, and 10.1) with NaOH (J. T. Baker ACS Reagent Grade). To avoid any unintended and 
unknown effects by pH buffers, we did not utilize any buffer to set pH conditions, however the pH 
changes were not significant in the absence of Mn2+ (aq) (Figure 2-S2). The pH range was chosen 
for following reasons: First, the pH range is optimal to study the nucleation and growth of 
Mn(OH)2 (s) within the observable fine range. Also, please note that although small changes of 
initial pH were used, the resulting changes of supersaturation were relatively larger, at 1.72, 2.70, 
and 6.84, respectively (Table 2-S1). Therefore, the pH range is optimal to study the effect of the 
nucleation rate on the heterogeneous nucleation of Mn(OH)2 (s). Second, the pH range has been 
commonly used to remediate high aqueous Mn conditions by precipitating Mn (hydr)oxide in 
environmental systems. Specifically, in AMD remediation sites, to decrease Mn2+ (aq) 
concentration, high pH (>10) is required. Many AMD sites (e.g., West Virginia mines and 
Pennsylvania mines) use lime or limestone as an active AMD treatment.98-100 
2.3.2 Analyses of Atomic Force Microscope (AFM). AFM tapping mode in air (AFM, 
Nanoscope V multimode SPM, Veeco Inc.) was used to measure the height of heterogeneously 
nucleated particles on quartz substrates under various pH conditions. In situ fluid cell AFM 
experiments were initially conducted, but the fragile nature of newly formed hydrated particles 
resulted in significant artifacts from AFM tips. Therefore, ex situ AFM measurements were made. 
No evidence of piling up of the particles was observed, based on the similar particle distributions 
and particle sizes in scanned AFM images at different scales. AFM probe tips were made of 0.01–
0.025Ω·cm antimony (n) doped Si (Model: RTESP, MPP-11100-10, Bruker). Cantilevers were 
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125 m long and 35 m wide. Nominal tip radius was 8 nm. Because our particle size was 
comparable with the tip radius, there is a possibility that AFM tip may not access to the bottom of 
the particle. Therefore, the measured AFM height would be a minimum height of particles. The 
drive frequency was 300 kHz, and the spring constant was 40 N/m. AFM images were analyzed 
using Nanoscope 7.20 software provided by Veeco. The reacted substrates were rinsed with 
ultrapure deionized water, and then dried with high purity nitrogen gas to quench further reaction. 
After the quenching procedure, AFM images were obtained immediately to avoid any aging effect. 
AFM images were also obtained from the samples, which were used for GISAXS measurements. 
The samples in GISAXS measurements showed similar heights of heterogeneously nucleated 
particles to those directly measured by AFM at each pH and over time.  
2.3.3 Analyses of Grazing Incidence Small Angle X-Ray Scattering (GISAXS). GISAXS 
measurements were conducted at beamline 12-ID-B of the Advanced Photon Source (APS), 
Argonne National Laboratory, IL. To avoid any beam interaction resulting from continuous beam-
exposure, in situ measurements take only one shot for each experimental condition at an elapsed 
time, rather than continuous measurements for one sample. Figure 2-S3 shows the similar 
scattering spectra at three different positions in the same sample after a one-time beam-exposure. 
This similarity indicates that the in situ measurements were not affected by any discernible beam-
interactions. A fresh quartz substrate placed inside a batch reactor was aligned with the middle of 
the X-ray beam path at a 0.11° incidence angle, which is slightly lower than the critical angle of 
quartz substrate for total reflection of scattering.  A focused X-ray beam with an energy of 14 keV 
was exposed on the quartz substrate through a Kapton window on the cell wall. We used a 2 m 
sample-to-detector distance (0.0085 Å -1 < q < 0.400 Å -1). The beam exposure time was set to 10 s 
for each measurement. A 2D background image of quartz scattering was measured in 1 ml of DI 
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water for background subtraction, and then the DI water was removed from the cell. After 1 ml of 
freshly mixed solution was injected into the reactor, GISAXS images were obtained at four elapsed 
time points (5 min, 15 min, 30 min, and 60 min). The measured 2D images were reduced to 1D 
through line-cuts at the Yoneda wing, which has an enhanced scattering signal along the in-plane 
direction (detailed information is in Figure 2-S4). The 1D intensities (I) were plotted as a function 
of the scattering vector, q, and analyzed by MATLAB®  based software developed at beamline 12 
ID-B (More detailed information on the data analysis is in 2-S4–6 in the Supporting Information).  
2.3.4 Analyses of Homogeneous Nucleation. ICP-OES (ICP-OES, Optima 7300DV, Perkin 
Elmer) was used to determine the aqueous Mn2+ (aq) concentration in the reacted solution. All 
reactions were conducted in the absence of quartz substrate. The samples were first centrifuged at 
11,000 rpm for 5 min. Then, 5 ml of the supernatant solution was filtered using a 0.2 m 
polypropylene membrane and acidified using 5 ml of 2% HNO3 before ICP-OES measurements 
(more detailed description in 2-S7 in Supporting Information).  
Small angle X-ray scattering was utilized to compare the homogeneously nucleated 
particles at 1 mM IS with those at 100 mM IS. To carry out these experiments, 1 ml of each freshly 
mixed solution was injected into a specially designed cell for SAXS experiments. At elapsed times 
of 5, 15, 30, and 60 minutes, 2D scattering images were collected from particles in solution. The 
scattering intensity increased as both the size and number of nanoparticles increased.95 SAXS 
measurements were conducted at 14 keV at beamline 12 ID-B in the Advanced Photon Source 
(APS), Argonne National Lab (ANL), IL. A detailed description of the experimental methods is in 
the Supporting Information (2-S4).  
22 
 
2.3.5 Surface charge contribution. Electrophoretic mobilities were measured for both 
homogeneously and heterogeneously nucleated particles and the sample preparation for the 
measurement of zeta potential is available in the Supporting Information (2-S8). 
2.3.6 Phase Identification. For ex situ phase identification of the heterogeneously nucleated 
particles on the quartz substrate, we used X-ray photoelectron spectroscopy (XPS, 
PHI 5000 VersaProbe II, Ulvac-PHI with monochromatic Al Kα radiation (1486.6 eV)) and 
grazing incidence wide angle X-ray scattering (GIWAXS). To complement the phase 
identification of heterogeneously nucleated particles, the phase of homogeneously nucleated 
particles was also analyzed by high-resolution X-ray diffraction (HRXRD, Bruker D8 ADVANCE 
X-ray diffractometer with Cu-K radiation (λ = 1.5418 Å )) and Raman spectroscopy (Renishaw 
inVia) with a 514 nm laser. 
For the XPS analyses, the shift of the Mn 2p3/2 spin orbit and Mn 3s multiplet splitting were 
analyzed. The reference peak positions of Mn(II) and Mn(III) were considered to be 641.1 eV and 
641.8 eV, and the reference Mn 3s multiplet splitting of Mn(II) and Mn(III) were considered to be 
5.8 eV and 5.2 eV, respectively, based on the average values of previous literature provided in 
Table 2-S2 and our own references from Mn(OH)2 (s) and -MnOOH (s) in Figure 2-S5. These 
samples are originating from the N’Chwaning II Mine, Northern Cape Province, South Africa and 
the Atikokan area, Ontario, Canada, respectively. The fitting of the manganese oxidation state was 
conducted based on Gaussian-Lorentzian curve-fitting because XPS profiles are best described by 
a mixed function.102 The Si 2p of quartz (103.1 eV)103 was taken as the energy reference. To 
prepare samples for X-ray photoelectron spectroscopy (XPS, PHI 5000 VersaProbe II, Ulvac-PHI, 
Inc., Japan) measurement, 0.05 g of ground quartz powder was reacted in 2 ml of each reaction 
solution (pHs 9.8 and 10.1) with 100 μM Mn(NO3)2 for 30 min to minimize phase transformation 
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by oxidation over a longer reaction time (60 min). The reacted quartz powder was dried for 1 day 
in a desiccator in an anaerobic Coy chamber (PO2 = 0 atm) to inhibit any further oxidation. 
GIWAXS measurements were also conducted at beamline 12-ID-B at APS. To minimize 
water effects which absorb the scattering from heterogeneously nucleated particles and adding 
water scattering, GIWAXS measurements were conducted right after a reaction solution was taken 
out of the batch reactor and only thin layers of solution remained. Thus the newly formed particles 
were still fully hydrated. The same beam condition as for GISAXS measurement was used with 
the wide angle X-ray detector (0.227 Å -1 < q < 8.599 Å -1). GIWAXS measurements was conducted 
after 30 min of reaction to ensure enough scattering intensities from a large quantity of 
heterogeneously nucleated particles, and to minimize phase transformation by oxidation over a 
longer reaction time (e.g., 60 min).  
To prepare ex situ samples of nucleated particles in the solutions (homogeneously 
nucleated particle analysis using X-ray diffraction and Raman spectroscopy), 2 L volumes of each 
reaction condition were prepared and reacted for 2 hr. After the end of the reaction time, the 
solutions were centrifuged four times at 5000 rpm for 15 minutes. To remove salt, the samples 
were sequentially washed and centrifuged four times in DI water. We used a zero X-ray diffraction 
substrate (MTI Corporation) and a glass substrate to deposit the prepared samples for HRXRD and 
Raman spectroscopy measurements, respectively, and then dried them for 1 day in a desiccator in 
an anaerobic Coy chamber (PO2 = 0 atm) to inhibit any further oxidation. 
2.3.7 Classical Nucleation Theory (CNT). To elaborate both homogeneous and heterogeneous 
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where f and f” are respectively the interfacial correlation functions describing the influence of the 
substrate on the nucleation barrier (equation (2-S8)), and the effective surface of nucleating 
particle (equation (2-S9)). J is the nucleation rate, J0 is the kinetic constant, γnf is the interfacial 
energy (J/m2) between the nucleating particle and the fluid, k is the Boltzmann constant (1.38 × 
10-23 J/K), T is the temperature, Ω is the volume of nucleated particle growth unit (cm3/molecule), 
x is the relative size of the substrate (Rs /rc, where rc is the critical radius and R
s is the average 
radius of the substrate), and m is a parameter that depends on the interaction and structural 
matching between the nucleating particle and the substrate. It is related to the interfacial energy 
between different phases by75: 
m  = cos θ = (γsf - γsn) / γnf ,          (2.4) 
where γsf is the interfacial energy between the substrate and fluid, and γsn is the interfacial energy 
between the substrate and nucleating particle. Therefore, the nucleation rate on the substrate, J, 
and the interfacial correlation (i. e., f and f”) can be influenced by the structural match between 
nucleating particles and the substrate, m (2-S10 in Supporting Information). By expressing the 
integrated interfacial energy term as m in equation (2.4), it can be related to the contact angle 
between the substrate and nucleating particles as shown in Figure 2-S6. Because both f and f’’ are 
derived from the surface area and volume of nucleating particles on the substrate, these are 
controlled by m. When m →1, the contact angle goes to zero. Thus, nucleating particles have a 
good structural match with the substrate, and f and f’’ go to zero. On the other hand, when m → -
1 and x = 0, f and f’’ become 1, and equation (2.3) describes the homogeneous nucleation rate. 




2.4 Results and Discussions 
2.4.1 Ionic Strength-Controlled Mn (Hydr)oxide Nanoparticle Nucleation on Quartz: Effects 
of Aqueous Mn(OH)2  
AFM measurements allow us to monitor the heterogeneous nucleation of Mn (hydr)oxide under 
varied IS conditions (Figure 2.1). As seen in Figure 2.1A, round aggregated particles with lateral 
dimensions larger than 100 nm were observed in the 1 mM IS system.  
 
Figure 2.1. AFM height images show that the 1 mM IS (A) system forms many big aggregated particles, the 10 mM 
IS (B) system has properties intermediate between the 1 mM and 100 mM IS systems, and the 100 mM IS (C) system 
contains many small particles which have formed both on quartz and on Mn oxides. The AFM height images from 
zoomed-in images (marked in Figure 2.1C) for the 100 mM IS system show the pseudo-monodispersed size 
distribution (C1) and oriented aggregation of nucleated particles (C2). The AFM image sizes ((A) to (C)) are 1 m × 
1 m. 
 
Effects of varied IS on number, size, and morphology of heterogeneously nucleated particles. 
To investigate the temporal evolution of Mn (hydr)oxide formation, AFM images were taken at 
various elapsed times for each experimental condition. Figure 2-S7 shows the AFM images of 1 
mM IS at 5, 15, 30, and 60 minutes. Particle aggregation occurred as early as 5 min into the 
reaction. The height profile in Figure 2-S7E (circled area) shows the early formation of aggregates. 
This could result from neighboring individual particles joining together through the growth of 




















by particles on the substrate due to interparticle forces. Similar behaviors can be observed from 15 
min as well. By reaction times of 30 min and 60 min, 2.5 ± 0.5 nm individual primary particles 
had nucleated and grown on the quartz substrate (arrows in Figures 2-S7G and 2-S7H). 
Simultaneously, the aggregated particles from the earlier time grew further in the z-direction. For 
example, after 60 min reaction, heights ranging from 20 to 30 nm were measured from 30 
aggregated particles averaged over a 25 m2 area. The rod-shaped particles, having 4 ± 1 nm high, 
were observed on quartz at 60 min. The height profile in Figure 2-S7H shows that the rod-shaped 
particles were formed by aggregation between particles on quartz.  
Unlike the 1 mM IS, in the 100 mM IS system, heterogeneous nucleation occurred more 
favorably, with well distributed nucleation on the substrate as well as Mn (hydr)oxide particles 
nucleated on top of previously nucleated Mn (hydr)oxide particles (Figure 2.1C). In Figures 2.1C1 
and 2.1C2, which are zoomed-in images in Figure 2.1C, the AFM height information offers insight 
into the size similarity and its distribution and oriented aggregation of the nucleated particles on 
the heterogeneously nucleated Mn (hydr)oxide particles. As shown in Figure 2.1C1, both the 
heterogeneously nucleated Mn (hydr)oxide particles on the substrate and a new particle on the 
heterogeneously nucleated Mn (hydr)oxides were 4.5 nm high. The nucleated particle formed on 
Mn (hydr)oxide was almost twice as high as an individual particle on the substrate. The AFM 
image in Figure 2.1C1 indicates heterogeneously nucleated particles on the substrate and on Mn 
(hydr)oxide as well. Also, in Figure 2.1C2, AFM shows rod-shaped Mn (hydr)oxide on top of 
heterogeneously nucleated Mn (hydr)oxide, and the arched peaks of the nucleated particles are 
shown in the height profile. Between each particle height peak in the height profile, a small valley 
suggests that the rod-shaped particles formed again by oriented aggregation, having apparent 
assembly between particles. Oriented attachment occurs to reduce overall energy by minimizing 
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the surface energy.104 Thus, a similar approach was taken to previous studies, which used the 
apparent assembly as evidence of oriented aggregation.65, 89, 104 To the best of our knowledge, this 
is the first experimental evidence that shows the formation of rod-shaped Mn (hydr)oxide particles 
on a quartz substrate by oriented aggregation.  
 
Figure 2.2. AFM height images from the 100 mM IS system at different elapsed times: 5 min (A), 15 min (B), 30 
min, (C) and 60 min (D). The schematic drawings explain the heterogeneous nucleation of Mn oxides on the quartz 
substrate, followed by the nucleation and growth of Mn oxides on top of the heterogeneously nucleated particles. The 
nucleated particles form both rod-shaped and round particles through oriented aggregation. The AFM image sizes are 
1 m × 1 m. 
 
In the 100 mM IS system, based on AFM analyses, we can observe not only the nucleation 
on top of heterogeneously nucleated Mn (hydr)oxide particles, but also their unique oriented 
aggregation behaviors. The phase identification of heterogeneously nucleated particles, which is 
discussed in next section, showed that the observed round and rod-shaped particles, which are 
nucleated on top of heterogeneously nucleated Mn (hydro)oxide particles, have different phases, 
Mn(OH)2 (s) and Mn3O4 (s), respectively.  
In 100 mM IS system, at 5 and 15 min, small individual particles covered the quartz 
substrate during the nucleation and growth process (Figure 2.2). The height of the observed 
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heterogeneously nucleated particles on quartz is ~ 5 nm in Figure 2.2, which is much smaller than 
the diameter of homogeneously nucleated particles measured by SAXS (~ 50 nm). This 
considerable size difference strongly suggests that the particles on quartz in AFM images (Figure 
2.2) were formed by a heterogeneous nucleation process, not by the deposition of homogeneously 
nucleated particles. After many particles had nucleated on the quartz substrate, further nucleation 
on top of the heterogeneously nucleated Mn (hydr)oxide occurred between 15 and 30 min. At 60 
min, the nucleated particle aggregates were rod-shaped and round.  
 
Figure 2.3. (A) High Resolution X-ray Diffraction (HRXRD) analysis of the homogeneously nucleated and grown 
particles under different IS conditions (1 mM, 10 mM, and 100 mM). (B) XPS spectra obtained from the 
heterogeneously nucleated particles on the quartz surface. 
 
The 10 mM IS system showed the number concentration and size of nucleated primary 
particles intermediate between the 1 mM IS and 100 mM IS (Figure 2.1B). In the 10 mM IS system, 
less quantities of round aggregated particles with lateral dimensions larger than 100 nm were 
observed, and more individual primary particles were observed than in the 1 mM IS system. 
Mn (hydr)oxide mineral phase identification. Phase identification analyses of the 




varied IS systems. The XRD peak positions showed that the homogeneously nucleated Mn 
(hydr)oxide mineral phases were pyrochroite (Mn(OH)2 (s)) and hausmannite (Mn3O4), and they 
were observed under all three IS conditions (Figure 2.3A).  Because Mn3O4 and Mn(OH)2 (s) had 
very similar peak positions, it was hard to verify the presence of Mn(OH)2 (s) in the systems. 
However, it is important to note that the peak at 18.9° originates solely from Mn(OH)2 (s) in our 
samples. In addition, Raman bands of 310, 357, and 653 cm-1 indicated Mn3O4 and Mn(OH)2 (s), 
and again, Mn(OH)2 (s) cannot be distinguished from Mn3O4 (Figure 2-S11). 
The XPS spectra of heterogeneously nucleated Mn (hydr)oxide are given in Figure 2.3B. 
For both 1 mM IS and 100 mM IS, the Mn 2p3/2 peak position of the Mn (hydr)oxide was at 641.1 
eV. The Gaussian-Lorentzian curve-fitting shows that the heterogeneously nucleated particles 
have both Mn(II) and Mn(III). Mn(II) was the dominant oxidation state, at 60.8 % and 73.0 % for 
the 1 mM IS and 100 mM systems (Table 2-S4), respectively. Mn(III) is 39.2 % and 27.0% for the 
1 mM IS and 100 mM systems, respectively. The analyses of Mn 3s multiplet splitting were 
consistent with the shift analysis of the Mn 2p3/2 orbital spin in Figure 2-S13. 5.5 eV and 5.6 eV 
were observed at 1 mM and 100 mM, respectively. The magnitudes were in the middle of the value 
range for Mn(II) (5.8 eV) and Mn(III) (5.2 eV). The magnitudes of multiplet splitting suggested 
that the heterogeneously nucleated particles have both Mn(II) and Mn(III).  
To connect the different shapes (round and rod-shaped) of heterogeneously nucleated Mn 
(hydr)oxide on quartz in AFM observations with their phase identities, we conducted the same 
experiment at 1 mM and 100 mM IS for 60 min in an anaerobic Coy chamber (PO2 = 0 atm), using 
N2-purged DI water to inhibit Mn oxidation during the reaction. AFM measurement of samples 
prepared under the anaerobic condition shows that there are only big round particles on quartz 
(Figure 2-S15), without any rod-shaped particles. The XPS spectra revealed that the 
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heterogeneously nucleated particles in the anaerobic chamber are pure Mn(OH)2 (s) (Figure 2-S12 
and 2-S15). Although the results cannot give direct phase matching with the different shaped 
particles in AFM images, we can infer that the round particles are most likely Mn(OH)2 (s) and the 
rod-shaped particles are Mn3O4. In addition, the higher percentage of Mn(II) observed from the 
XPS fitting in the 100 mM IS system, compared to the 1 mM IS system, can be explained by the 
higher contribution from round particles (Mn(OH)2 (s)) system compared to rod-shaped particles 
(Mn3O4) in the 100 mM IS (Figure 2-S16). Considering the Mn (hydr)oxide nucleation and Mn 
oxidation kinetics in our experimental systems, Mn(OH)2 (s) and Mn3O4 are the most possible 
phases of Mn (hydr)oxide because direct formation of Mn(IV) from Mn(II) in inorganic systems 
is kinetically-controlled, and Mn(OH)2 (aq) makes polymerized Mn(OH)2 (aq) clusters.  The 
polymerized cluster can form Mn(OH)2 (s) subsequently as the initial form of solid Mn 
(hydr)oxide.41, 43 Phase transformation to Mn3O4 can be promoted by oriented aggregation of round 
(i.e., Mn(OH)2 (s)) particles
104 and by sequential oxidation from polymerized Mn(OH)2 (aq) 
cluster, or Mn(OH)2 (s).
41, 43 Therefore, the phase analyses by HRXRD, Raman spectroscopy 
(S16), and XPS are also consistent with this discussion of nucleation mechanisms and oxidation 
of Mn (hydr)oxide. 
Electrostatic contributions to Mn (hydr)oxide formation. We measured electrophoretic 
mobility to determine the role of surface charge on the nucleation and growth of Mn (hydr)oxides 
on quartz surfaces. Under 1 mM, 10 mM, and 100 mM IS conditions at pH of 10.1, the zeta 
potentials of quartz powders were -38.8 ± 2.2 mV, -40.1 ± 2.6 mV, and -14.8 ± 0.4 mV, 
respectively. However, there is a caveat that the absolute values of zeta potentials measured with 
powders can be different from those of single crystal quartz. The homogeneously produced Mn 
(hydr)oxide particles without substrates had almost neutral or slightly positive zeta potential values 
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under all IS conditions. To study the effects of the surface charge on the reaction with Mn2+ (aq) 
on the quartz substrate, quartz powders reacted with Mn2+ (aq) under different IS conditions at an 
initial pH of 10.1 were measured. The quartz powder at 100 mM IS shows the least electrostatic 
attraction (-14.8 mV) for heterogeneous nucleation of manganese pre-cursors. The electrostatic 
potentials of quartz powder under 1 mM and 10 mM IS conditions were more attractive than 100 
mM IS, by -25 mV, to positive or neutral materials, such as aqueous manganese ions, Mn2+ (aq), 
and manganese (hydr)oxide pre-cursors, Mn(OH)2 (aq). However, from AFM observations (Figure 
2.1), 100 mM IS showed the most heterogeneously nucleated particle coverage. Therefore, 
electrostatic interactions between the substrate and nucleating particles cannot be the dominant 
nucleation and growth mechanism to explain what we observed in the AFM images. 
Monitoring aqueous Mn2+ concentrations providing the pathways of Mn (hydr)oxide 
formation at varied IS. To explore the influence of IS for saturation conditions and nucleation 
rates of Mn (hydr)oxide in solution, aqueous Mn2+ concentration changes under varied IS at the 
same initial pH were investigated. The ICP-OES results indicate the fastest decrease of Mn2+ (aq) 
concentration under the 1 mM IS condition (Figure 2.4A). From ICP-OES data, the measured Mn2+ 
(aq) concentration is the net result of the initial Mn2+ (aq) concentration of 100 µM minus the Mn2+ 
(aq) consumed by Mn (hydr)oxide nucleation.  
The larger decrease in Mn2+ (aq) suggests a faster homogeneous nucleation rate in a 
solution. In this approach, auto-catalytically nucleated Mn (hydr)oxide particles on previously 
formed Mn (hydr)oxide particles in solution were counted as homogeneous nucleation because the 
system is too dynamic to separate them.2 Within 10 min reaction, the 100 mM IS system had over 
twice as high an Mn2+ (aq) concentration than the 1 mM and 10 mM IS systems. When the reaction 
time was shorter, the differences in the aqueous Mn2+ concentrations were greater. The ICP-OES 
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results suggest a higher consumption by Mn (hydr)oxide homogeneous nucleation under 1 mM IS 
condition (i.e., higher supersaturation ratio) than that under the 100 mM IS condition. This can 
imply 1 mM IS and 10 mM IS condition had higher supersaturation ratios compared to 100 mM 
IS.60  
 
Figure 2.4. (A) Concentrations of Mn2+ (aq) in solution at different elapsed times, obtained by inductively coupled 
plasma optical emission spectroscopy (ICP-OES). Small angle X-ray scattering (SAXS) intensity curves from 
homogenously formed particles in solutions: (B) 1 mM IS, and (C) 100 mM IS.  
 
For more direct confirmation of the presence of different supersaturation ratios and 
homogeneous nucleation rates at 1 mM and 100 mM IS, we conducted in situ SAXS experiments. 
Both systems had similar radii of gyration, ~ 25 nm. The SAXS intensity (Figure 2.4) showed that 
the 1 mM IS condition had more homogeneous nucleation than the 100 mM IS system. In particular, 
at 1 mM IS, a significant increase of intensity can be observed over 60 min as the scattering vector 
q range increases from 0.008 Å -1 to 0.03 Å -1. In contrast, for the 100 mM IS system, the intensity 
did not show any discernible difference during the 60 min reaction period. In Figure 2-S17, the 
calculated invariants, Q, which are proportionally related to the total particle volumes detected by 
X-ray in relative units,94 showed an increasing total particle volume at 1 mM IS with increasing 
reaction time. However, at 100 mM IS, there was no significant change during 1 hr. The ratio of 
























































































at 100 mM IS was 1.2:1 at 5 min (pH = 9.6 and 9.9, respectively) and 2.5:1 at 60 min (pH = 7.3 
and 8.1, respectively). From this result, we can infer a higher number concentration of 
homogeneously nucleated and grown particles for the 1 mM IS condition than for 100 mM IS. The 
monitored results of ICP-OES and SAXS strongly support our hypothesis that IS controls the 
supersaturation ratio and nucleation rate of Mn (hydr)oxide as well.  
Structural matches between nucleated particles and the substrate. To explain the potential 
mechanisms for the different behaviors of heterogeneous nucleation and growth of Mn (hydr)oxide 
in varied IS systems, we applied CNT (equation (2.3)).75 The CNT discussion in this study 
considered Mn(OH)2 (s) as the initial nucleating particle phase based on the phase analysis and the 
discussion in the Supporting Information (2-S10). As confirmed by ICP-OES and SAXS 
measurements, the varied IS controls the supersaturation of Mn(OH)2 (s), which is related to the 
change in Mn(OH)2 (aq) concentrations.  
 
Figure 2.5. Plot of f, f’’, and m versus 1 / [ln(σ)]2 from calculating the optimum values of m, which has the fastest 




Based on CNT, at each supersaturation ratio, the fastest heterogeneous nucleation occurs 
between nucleating particles and the substrate at a certain contact angle, θ. In other words, for each 
supersaturation ratio, there is an optimum value of θ that gives the fastest heterogeneous nucleation 
rate. Therefore, at each supersaturation ratio, the structural match can be calculated by making the 
nucleation rate fastest in equation (2.3). Based on our experimental system, the calculated m, f, 
and f” at each saturation condition (σ) from equation (2.3) are shown in Figure 2.5. Using the 
initial activities of OH- (aq) and Mn2+ (aq), the supersaturation ratios were calculated with respect 
to Mn(OH)2 (s) in Table 2-S1. For Mn(OH)2 (s), the supersaturation ratios are respectively 9.2 and 
6.8 for 1 mM and 100 mM IS. The calculated m values of these points are 0.65 and 0.70 for 1 mM 
and 100 mM IS systems, respectively. Figure 2.5 shows that at 100 mM IS, heterogeneous 
nucleation has a better structural match with the substrate than that at 1 mM IS. The slower 
nucleation rate can result from the 100 mM IS system (f = 0.06 and f” = 0.15) because of lower f 
and f”, than those at the 1 mM IS system (f = 0.08 and f” = 0.18). 75 CNT analyses also suggest 
that the incubation time of nucleation for the 100 mM IS system can be longer than for the 1 mM 
IS system (Equation (2-S11)), because the nucleation rate is inversely proportional with nucleation 
incubation time.75  
Based on CNT and the faster Mn2+ (aq) concentration decrease at 1 mM IS, more 
homogeneous nucleation in solution and less heterogeneous nucleation on quartz would occur at 
1 mM IS than at 100 mM IS. After the steep decrease of Mn2+ (aq) concentration caused by 
nucleation and oxidation of Mn(OH)2 (aq), the supersaturation ratio might be lower than the initial 
supersaturation ratio. This lowered saturation of the 1 mM IS system can induce heterogeneous 
nucleation on the substrate in the later stages of reaction, as shown in AFM images of 1 mM IS 
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system (Figures 2-S7C and 2-S7D). It explains why many small individual particles on the quartz 
substrate can be seen in AFM images between 30 and 60 min for the 1 mM IS system.  
Under the 100 mM IS condition, heterogeneously nucleated particles did not aggregate on 
the substrate, and there was uniform particle distribution during the 60 min reaction (Figure 2.2). 
In addition, greater coverage of the substrate by heterogeneously nucleated Mn (hydr)oxide was 
observed with 100 mM IS than with 1 mM IS. The better structural match at lower saturation (100 
mM) at the initial stage can also explain the heterogeneous nucleation and further nucleation of 
Mn (hydr)oxide on top of the heterogeneously nucleated particles observed under the 100 mM IS 
condition. Under the 100 mM IS condition, Mn (hydr)oxide particles may better follow the 
structure of the quartz substrate and nucleating Mn (hydr)oxide particle than in the 1 mM and 10 
mM conditions. Therefore, the coverage of the substrate by heterogeneously nucleated particles 
becomes higher at 100 mM IS than at 1 mM and 10 mM IS because smaller strain and stress induce 
more stable bonding with quartz.105 The less favorable bonding between quartz and nucleating 
particles in the 1 mM and 10 mM IS conditions promotes more attachment among pre-nucleated 
clusters or nucleation on the heterogeneously nucleated Mn (hydr)oxide than on the quartz 
substrate, minimizing the contact area with quartz substrates. However, the nucleated Mn 
(hydr)oxide particles on top of heterogeneously nucleated Mn (hydr)oxides on quartz can 
aggregate with neighboring particles more easily than individual heterogeneously nucleated 
particles because they are grown on top of the same or similar Mn (hydr)oxide lattice structure.  
In sum, the CNT application, AFM measurements, and monitored aqueous Mn2+ 
concentrations suggest that the low saturation of the 100 mM IS condition can have favor 
heterogeneous nucleation and a better structural match at the Mn (hydr)oxide–quartz interface 
because of longer induction time of heterogeneous nucleation (equation (2-S11)) and thus a slower 
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heterogeneous nucleation rate than that under the 1 mM IS condition. Therefore, in 100 mM IS 
condition, we can qualitatively infer a higher ratio of heterogeneous to homogeneous nucleation 
than that in 1 mM IS. Nevertheless, homogeneous nucleation is still more dominant than 
heterogeneous nucleation in both 1 mM and 100 mM IS conditions, based on the comparison 
between ICP-OES results after 1hr reaction (70 M and 60 M at 1 mM and 100 mM IS, 
respectively) and the approximately calculated concentration of heterogeneously nucleated Mn 




2.4.2 Structural Match of Heterogeneously Nucleated Mn(OH)2 (s) Nanoparticles on Quartz 
under Various pH Conditions  
Variances of the contact angle of heterogeneously nucleated Mn (hydr)oxide on quartz 
substrates under various pH conditions. The lateral and vertical dimensions of heterogeneously 
nucleated Mn (hydr)oxide on quartz were measured using GISAXS and AFM, respectively.  Based 
on the assumption of a spherical nucleus in heterogeneous CNT,74-75 the calculation of contact 
angle of heterogeneously nucleated particles were conducted as shown in Figure 2.6.  
 
Figure 2.6. A schematic diagram for calculating the contact angle of heterogeneously nucleated particles using the 
lateral (AFM) and vertical (GISAXS) dimensions. h is the vertical height, R is the lateral radius, and θ is the contact 
angle between Mn (hydr)oxide and quartz.  
 
We calculated the ratio of the vertical dimension to the lateral dimension, and then 
converted it to contact angle, θ. Among the pHs 9.8, 9.9, and 10.1, the largest contact angle 
occurred at pH 10.1 (Table 2.1). Figure 2.7 shows the spectra of X-ray scattering by 




Figure 2.7. In situ GISAXS measurements to determine the lateral dimensions of heterogeneously nucleated particles 
under various pH conditions for 1 hr. Based on data analyses, we found that higher pH has smaller size at 5 min, and 
a larger size at 60 min compared to those at lower pH.  
 
Lateral sizes were obtained by fitting GISAXS spectra according to equation (2-S2), and 
are shown in Table 2.1. AFM imaging may have artifact in the lateral dimension when the 
dimensions of the imaged particles are smaller than 30–40 nm (based on an 8 nm AFM tip radius). 
Thus, we utilized only GISAXS to analyze the lateral dimensions of nucleated Mn (hydr)oxide. At 
the earliest measurement point (5 min), the lower the pH, the larger the lateral size. For example, 
at 5 min, the largest and the smallest lateral radius sizes (R), 8.0 nm and 5.4 nm, occurred at pHs 
9.8 and 10.1, respectively. However, with increased elapsed times, a greater lateral size was 
observed at higher pH. As shown in Table 2.1, the greatest increase of lateral size was found at pH 
10.1, from 5.4 ± 0.4 nm (5 min) to 13.9 ± 2.1 nm (60 min). By comparison, pH 9.8 showed a 




Figure 2.8. Height analyses of heterogeneously nucleated particles under various pH conditions for 1 hr. AFM 
measurements revealed larger heights at higher pH and longer reaction times. Under each condition, we counted 
heights over 100 particles to obtain average height dimensions. The AFM image sizes are 1 μm × 1μm. All scale bars 
are 200 nm.  
 
The heights of the heterogeneously nucleated particles were analyzed by AFM, with the 
results shown in Figure 2.8. We analyzed AFM images to measure average heights of 
heterogeneously nucleated ex situ samples (examples of height distribution are in Figure 2-S18) 
because the intensity of the vertical cut of in situ GISAXS data is too weak to provide height 
information at the early stage of nucleation. However, vertical cut GISAXS data, which is 
adequately fitted at pHs 9.9 and 10.1 at 60 min, showed an almost similar size to ex situ AFM 
measurements in Figure 2-S19. Therefore, we can consider that the drying effect on the size change 
is negligible in this study. Vertical particle sizes increase at each condition as time elapses. 










9.8, heights are smaller than at the higher pH conditions. Not only particle height, but also a higher 
number concentration of the heterogeneously nucleated particles was observed under the higher 
pH conditions.  
Table 2.1. Measured lateral and vertical dimensions using GISAXS and AFM respectively, and calculated structural 











θ (°) m (cos θ) 
pH 9.8 
5 min 0.9 ± 0.1 8.0 ± 0.3 0.11 13.1 ± 2.2 0.97 ± 0.01 
15 min 0.9 ± 0.1 8.0 ± 0.4 0.11 12.4 ± 2.1 0.96 ± 0.01 
30 min 1.5 ± 0.1 8.5 ± 0.8 0.18 20.5 ± 3.3 0.94 ± 0.02 
60 min 1.6 ± 0.1 8.6 ± 0.9 0.18 20.4 ± 3.5 0.94 ± 0.02 
pH 9.9 
5 min 0.9 ± 0.1 6.5 ± 0.6 0.14 16.2 ± 3.2 0.96 ± 0.02 
15 min 1.5 ± 0.3 8.4 ± 1.3 0.18 20.7 ± 7.3 0.94 ± 0.05 
30 min 2.3 ± 0.1 11.2 ± 1.7 0.21 23.4 ± 5.1 0.92 ± 0.04 
60 min 3.1 ± 0.2 12.4 ± 3.1 0.25 28.1 ± 9.8 0.88 ± 0.08 
pH 10.1 
5 min 1.5 ± 0.2 5.4 ± 0.4 0.28 31.6 ± 6.5 0.85 ± 0.06 
15 min 2.4 ± 0.1 7.4 ± 0.5 0.32 35.7 ± 3.8 0.81 ± 0.04 
30 min 3.2 ± 0.1 9.3 ± 0.4 0.34 37.8 ± 2.6 0.79 ± 0.03 




Table 2.1 lists the averaged heights of 100 heterogeneously nucleated particles, counted 
for multiple samples at each pH and reaction time. For the height measurements, only particles 
nucleated on top of quartz were counted. Nucleated particles on top of Mn (hydr)oxide (i.e., 
homoepitaxially formed Mn (hydr)oxide), which can be found at pHs 9.9 and 10.1 at 30 min and 
60 min, were not considered due to the ambiguity of their height measurements and their 
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insignificant number compared to that of heterogeneously nucleated particles on top of quartz. The 
nucleated particles on top of Mn (hydr)oxide formed aggregates with big spherical and rod shapes. 
In our previous study, we confirmed that the spherical and rod-shaped aggregates were Mn(OH)2 
(s) and Mn3O4, respectively.
61 In Figure 2.7, GISAXS also shows the presence of aggregates in 
the scattering patterns at pH 9.9 and 10.1. In the low q regime, which is related to a bigger particle 
size, although the sizes of aggregates cannot be analyzed because they are bigger than our 
experimental q range can resolve, the increase of intensity indicates the presence of aggregates and 
their growth. 
 
Figure 2.9. Calculated values of structural matches under various pH and time conditions. pH 9.8, 9.9, and 10.1, 
respectively have values of 0.96, 0.92, and 0.82. A higher pH yields a poorer structural match between Mn (hydr)oxide 
nuclei and quartz.  
 
From lateral and vertical dimensions of the heterogeneously nucleated Mn (hydr)oxide 
nanoparticles, we calculated the ratios of the vertical to lateral dimensions, and used them to get 
the contact angles under various pH conditions and reaction times (Table 2.1). As shown in Table 
2.1, the contact angles between pHs 9.8 and 10.1 showed large differences, averaging 16.6 ± 4.5° 
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and 34.7 ± 2.7°, respectively. The contact angles were then converted to m (= cos θ), which are 
related to structural matches between nuclei and quartz. Figure 2.9 revealed obvious differences 
of m values between pH of 9.8 and 10.1. m values were around 0.96, 0.92, and 0.82 at pH 9.8, 9.9, 
and 10.1, respectively. The higher the pH, the lower the m values, so a poorer structural match 
between Mn (hydr)oxide and substrate occurred at higher pH conditions. The f values, which 
indicate the effect of the substrate on the heterogeneous nucleation by affecting the nucleation 
barrier in equation (2.3), for samples at pHs 9.8 and 10.1 are 0.0018 and 0.0229, respectively. The 
order of magnitude difference of f values suggests that heterogeneous nucleation at pH 9.8 occurs 
more favorably than that at pH 10.1 by lowering the nucleation barrier in the exponent term in 
equation (2.3).75, 106 
Phase identification of the initial nuclei of Mn (hydr)oxide. To reveal the initial phase of 
heterogeneously nucleated particles on quartz, we analyzed heterogeneously nucleated particles 
using XPS and GIWAXS. Mn 3s spectra analyzed by XPS provided information on the Mn 
oxidation state for the heterogeneously nucleated particles on quartz, as shown in Figure 2.10A.107 
The ΔEMn3s at pHs 9.8 and 10.1 are 5.7 eV and 5.8 eV, respectively. Although assessing an exact 
oxidation state of Mn exactly using ΔEMn3s is difficult owing to the effect of covalency/iconicity 
in the multiplet splitting without knowledge of the composition and ligand,107 we can infer that 
Mn(II) is the initial oxidation state of Mn (hydr)oxide. We base this inference on the finding that 
the ΔEMn3s at pHs 9.8 and 10.1 has the higher values than Mn3O4 (~5.5 eV, valence state = 
2.67+),108-111 which forms when Mn(OH)2 (s) is oxidized,
24, 41, 61 and the ΔEMn3s at pHs 9.8 and 
10.1 is closer to the regime of the energy gap with previously reported multiplet splitting of Mn(II) 
(5.7 eV–6.1 eV) (Table 2-S2). However, because the variation within the Mn(II) values (0.4 eV) 
is commensurate with the 0.2 eV difference between the Mn(II) (5.7 eV) and mixed Mn(II/III) 
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(~5.5 eV, 2.67+), a portion of Mn(III) might be oxidized from the heterogeneously nucleated 
Mn(OH)2 (s). Because XPS cannot give the exact oxidation state and phase of the heterogeneously 
nucleated particles, we used GIWAXS, to obtain direct information about the heterogeneous 
nucleation of Mn(OH)2 (s) as the initial phase. 
 
Figure 2.10. Phase identification of heterogeneously and homogeneously nucleated Mn (hydr)oxide particles. (A) For 
the heterogeneously nucleated particles, XPS spectra of Mn3s show the energy gap of Mn3s having a value similar to 
that of Mn(II). (B) GIWAXS measurements of heterogeneously nucleated particles provide the peak at q of 1.32 Å -1, 
which is consistent with Mn(OH)2 (s). (C) Peaks measured by HRXRD of homogeneously nucleated particles show 
both Mn(OH)2 (s) and Mn3O4. Based on the phase analyses, we confirmed that, initially, Mn(OH)2 (s) is the phase of 
nucleated particles on quartz as well as in solution.  
 
In the GIWAXS spectra (Figure 2.10B), at q of 1.32 Å -1, local peaks of Mn(OH)2 (s) are 
observed at pHs 9.8 and 10.1. After background subtraction of the quartz substrate, a strong peak 
appears at pH of 9.8 (Figure 2.10B). The peak at pH 10.1 is not very clear because of overlapped 
water scattering: There was still a small amount of water inside the reaction cell. However, it also 
shows a peak at a q of 1.32 Å -1. This provides direct information that the initial, hydrated phase of 
heterogeneously nucleated particles in this study is Mn(OH)2 (s). 
The phase analysis of homogeneously nucleated particles using ex situ HRXRD also 
proved that Mn(OH)2 (s) is the initial mineral phase of the heterogeneously nucleated particles in 
our experimental systems. In Figure 2.10C, XRD patterns of homogeneously nucleated particles 
at both pHs 9.8 and 10.1 show two Mn (hydr)oxides, Mn(OH)2 (s) and Mn3O4. The strongest peak 
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of Mn(OH)2 (s) at 18.8 °, marked by an asterisk, suggests that both Mn(OH)2 (s) and Mn3O4 were 
formed by homogeneous nucleation in solutions. Previous studies showed that the formation of 
Mn(OH)2 (s) occurs initially when a reaction system is supersaturated for Mn(OH)2 (s).
41, 61 After 
the formation of Mn(OH)2 (s), a fast oxidation occurs, and Mn(OH)2 nanoparticles undergo the 
phase transformation to Mn3O4. As shown in GIWAXS, which measured the sample within 5 min 
after finishing 30 min reaction, the initial phase of heterogeneously nucleated particles was 
Mn(OH)2 (s). Please note that the GIWAXS samples were still fully hydrated during the 
measurements. Because XPS and XRD sampling take longer than that of GIWAXS, due to drying 
and sample transfer to instruments, Mn3O4 could be formed by the oxidation of initially nucleated 
Mn(OH)2 (s).




Figure 2.11. Monitoring the change of Mn2+ concentrations under various pH conditions. The results show the effects 
of pH on supersaturations of Mn(OH)2 (s). A higher pH condition shows a faster rate of homogeneous nucleation.  
 
The relationship between heterogeneous nucleation rate and the structural match between 
Mn(OH)2 (s) and quartz. To explain the change of m values under the various pH conditions, the 
saturation condition should be understood carefully. Thus, the concentrations of Mn2+ (aq) were 
measured in the solutions. Higher supersaturation occurred at higher pH. The difference from the 
initial Mn2+ (aq) concentration of 100 μM resulted from the precipitation of homogeneously 
nucleated Mn (hydr)oxide at each time point in Figure 2.11. Among the three pH conditions, the 
fastest decrease of Mn2+ (aq) was observed at pH 10.1. Larger amounts of homogeneously 
precipitated Mn (hydr)oxide occurred at higher pHs. The observed decrease of Mn2+ (aq) 
concentration indicates that supersaturation changes of Mn(OH)2 (s) resulted in changes of the 
homogeneous nucleation rate of Mn(OH)2 (s). The calculated supersaturation ratios of Mn(OH)2 
46 
 
(s) in Table 2-S1, based on Ksp of 10
-15.2,112 are 1.72, 2.70, and 6.84 at pHs 9.8, 9.9, and 10.1, 
respectively. Equation (2.3) in CNT predicts a faster nucleation rate, both in solution and on a 
substrate, at higher supersaturation conditions. Based on our analyses of the structural match and 
the change of supersaturation in solution, pH 10.1 exhibited the fastest nucleation rate and the 
poorest structural match between Mn(OH)2 (s) nuclei and the quartz substrate. Conversely, the 
slowest nucleation rate and the best structural match occurred at pH 9.8.  
 Faster nucleation allows shorter time for new atomic re-arrangements with the quartz 
substrate, and, hence, a poorer structural match of the Mn(OH)2 (s) nucleus with the quartz 
substrate is expected.61, 75 As discussed in equation (2.4), m is the function of interfacial energies 
among γsf, γsn, and γnf. In our experimental systems, the small range of pH (pH: 9.8–10.1) and same 
ionic strength condition would not affect the interfacial terms regarding fluid (γsf and γnf) based on 
the insignificant variance of the interfacial energy between quartz and water (γsf = 330 ± 2 mJ/m2) 
within the pH range.113-114 Although the effect of pH for γnf has not been reported before, we expect 
insignificant variance because there might not be a discernible change of surface complexation, 
which controls interfacial energy under varied pH,115 based on the much lower point of zero 
charge, pHpzc, of Mn(OH)2 (s) (pHpzc = 7.0)
116 than pHs in our experimental systems. Therefore, 
the change of m values under various pH conditions predominantly results from the interfacial 
energy between the substrate and nuclei, γsn. A higher value of γsn at pH 10.1 is expected when γsf 
and γnf are almost consistent under various pH conditions, which means less favorable bonding 
compatibility between quartz and nuclei at higher pH due to the shorter time for atomic re-
arrangement themselves at the interface between quartz and nuclei.94 This new result shows 
quantitatively how supersaturation affects the structural match between heterogeneously nucleated 
Mn(OH)2 (s) and quartz by changing the nucleation rate. 
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Calculation of the interfacial energy between Mn(OH)2 (s) and solution based on the 
observed structural matches. Our experimentally obtained m values, calculated from lateral and 
vertical dimensions at each pH condition, were used to obtain the interfacial energy between 
Mn(OH)2 (s) and water (γnf ~71 mJ/m2).  Based on CNT, in equation (2.3), because the fastest 
heterogeneous nucleation rate occurs with a certain structural match (m) at each supersaturation 
condition,61, 117 an optimal m value can be numerically calculated for each supersaturation 
condition. Note that the term for the interfacial energy between hydrated Mn(OH)2 (s) and water, 
γnf, in equation (2.3) affects the numerical calculation of the optimal m values. Therefore, at a 
certain constant value of γnf, a set of optimal m values as the function of supersaturation can be 
determined. Hence, to find the best fitting value of γnf, we iterated the value of γnf (1 mJ/m2 to 1000 
mJ/m2), and calculated m values at each value of γnf. Then, when these numerically obtained m 
values have the smallest discrepancy with the experimentally obtained m values at each 
supersaturation condition (σ = 1.72 at pH 9.8; σ = 2.70 at pH 9.9; σ = 6.84 at pH 10.1), the final 
best fitting values of γnf were determined. The same calculations were conducted at each elapsed 
time. Figure 2.12 shows the experimentally obtained m values and numerically obtained m values 




Figure 2.12. Fittings of the interfacial energies between Mn(OH)2 (s) nuclei and solutions based on the experimentally 
obtained structural matches (m, symbols in Figure 2.7) under various supersaturation conditions and over time. The 
best fitting result of the interfacial energy was determined when the numerically obtained m values at a certain 
interfacial energy (dotted lines), in equation (2.3), had the smallest discrepancy from experimentally obtained m values. 
Based on the fittings, the average interfacial energy between the Mn(OH)2 (s) nuclei and solution is 71 ± 7 mJ/m2. 
Error bars of m at each condition were obtained by considering the experimental errors of the lateral and vertical 
dimension in GISAXS and AFM measurements, respectively.  
 
From this, we determined the new thermodynamic parameter, the interfacial energies (γnf) 
between hydrated Mn(OH)2 (s) and water, to be 82 mJ/m
2, 72 mJ/m2, 64 mJ/m2, and 67 mJ/m2  at 
5 min, 15 min, 30 min, and 60 min, respectively. The variation in interfacial energies can result 
from experimental error or factors that changed with elapsed time, such as particle growth. Using 
the obtained values, the average interfacial energy between hydrated Mn(OH)2 (s) and liquid was 
γnf = 71 ± 7 mJ/m2. The interfacial energy we found is an order of magnitude smaller than 
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previously reported values for other Mn (hydr)oxide nanoparticles: Mn3O4, 1,620 ± 80 mJ/m
2; 
Mn2O3, 1,770 ± 100 mJ/m
2; and MnO2: 2,050 ± 80 mJ/m
2.118-119 The difference can be explained 
by the effect of the hydrous surface118-119 of Mn(OH)2 (s) and the lowest oxidation state of Mn 
(hydr)oxide (i.e., Mn(II)) in this study. Previous studies of the interfacial energy of Mn(III/IV) 
(hydr)oxide showed 20–50 % decreases of interfacial energy due to adsorbed water on the 
surface.118-119 Because the Mn(OH)2 (s) in our system was fully hydrated and poorly structured, 
the interfacial energy should be much smaller than the previously reported values of Mn(III/IV) 
(hydr)oxide which had adsorbed water only on the surface. The aforementioned references also 
show low interfacial energies when the Mn oxidation state of Mn (hydr)oxide is low. A previous 
study of the interfacial energy of Fe(OH)2 (s), which has a similar molecular structure to Mn(OH)2 
(s), also supports the order of magnitude smaller value than for Fe(III) (hydr)oxide.120 A surface 
simulation using an interatomic potential model calculated the interfacial energy of hydrated 
Fe(OH)2 (s) as 20 mJ/m
2.120 α–FeOOH and Fe2O3 are 680 mJ/m2 and 1,780 mJ/m2, respectively.120 
Although the reported interfacial energies are only for Fe (hydr)oxides and they are all based on 
simulated results, they provide a trend consistent with what we observed in this study: a much 
smaller interfacial energy for the hydrated mineral phase and for a lower oxidation state.  
By following the aforementioned assumption that γsf (330 ± 2 mJ/m2) and γnf (71 ± 7 mJ/m2) 
are almost consistent under all the pH conditions, the value of interfacial energy between quartz 
and Mn(OH)2 (s), γsn, can be decided from equation (2.4). When we consider the average value of 
m at each pH (m = 0.96 ± 0.02 at pH 9.8; m = 0.92 ± 0.03 at pH 9.9; m = 0.82 ± 0.03 at pH 10.1), 
the values of γsn are 262 ± 7 mJ/m2, 264 ± 8 mJ/m2, and 272 ± 8 mJ/m2 at pHs 9.8, 9.9, and 10.1, 
respectively. The increase of γsn is expected because the only variable in equation (2.4) is m, which 
shows less favorable bonding between Mn(OH)2 (s) and quartz at the higher pH condition. 
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The initial pHs have the greatest effect on the heterogeneous nucleation rate and 
consequently the structural match of the heterogeneous nucleation of Mn(OH)2 (s). At 5 min, 
therefore, m values under the various initial pH conditions (0.97 ± 0.01, 0.96 ± 0.02, and 0.85 ± 
0.06 at pH 9.8, 9.9, and 10.1) showed significant differences with slight pH decreases. Although 
the initial pHs decreased over 1 hr reaction due to nucleation, growth, and oxidation of Mn(OH)2 
(s), the m values at 15, 30, and 60 min were similar to the initial m values at 5 min for each initial 
pH condition. Based on the similar m values for each initial pH condition during nucleation and 
growth within 1 hr reaction, we suggest that the growth of Mn(OH)2 (s) occur by addition to the 
structures initially formed by heterogeneously nucleated Mn(OH)2 (s). Although the m values were 
similar at each initial pH condition between 5 min and 60 min, please note that there were slight 
decreases with elapsed times (from 0.97 ± 0.01 to 0.94 ± 0.02 at pH 9.8; from 0.96 ± 0.02 to 0.88 
± 0.08 at pH 9.9; and 0.85 ± 0.06 to 0.83 ± 0.07 at pH 10.1). The slight decreases in m could result 
from the preferred growth of Mn(OH)2 (s) on Mn(OH)2 (s) rather than heteroepitaxial growth on 
quartz surface, which would be consistent with the smaller γnf than γsn (Figure 2-S20). Owing to 
this interfacial relationship, after 5 min, growth would preferentially occur to minimize the 
interfacial area between quartz and Mn(OH)2 (s) nuclei, thus minimizing the total free energy. 
In sum, we showed the structural matches between newly formed Mn(OH)2 (s) 
nanoparticles and quartz under various pH conditions. The heterogeneously nucleated particles at 
pHs 9.8, 9.9, and 10.1 showed structural matches of around 0.96, 0.92, and 0.82, respectively. 
Better structural matches occurred at the lower pH conditions. From CNT analyses and the 
homogeneous nucleation rates in solution, we found that the supersaturation of Mn(OH)2 (s) 
affected the structural matches by controlling the heterogeneous nucleation rate. Also, based on 
the calculated values of structural matches under various pH conditions, the average interfacial 
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energy between Mn(OH)2 (s) and liquid was calculated as γnf = 71 ± 7 mJ/m2. Based on the 
calculated m values and γnf, we calculated the variance of interfacial energy between quartz and 
Mn(OH)2 (s), and found that it ranged from 262 ± 7 mJ/m
2 to 272 ± 8 mJ/m2. Our findings provide 
a useful new platform to study heterogeneous nucleation behavior, not only of Mn (hydr)oxide, 
but also of other minerals controlled by kinetics in environmental systems and materials syntheses.  
2.5 Conclusions and Implications 
 We show how heterogeneous nucleation rate affects structural match with foreign substrate 
in aqueous system. Among various Mn (hydr)oxide phases, the formation of Mn(OH)2 (s) occurs  
as one of initial nuclei form in environmental systems. We changed IS and pH conditions to control 
supersaturation of Mn(OH)2 (s). From the calculations of heterogeneous nucleation rates and the 
measurement of the contact angles between nuclei and quartz, we also confirmed that better 
structural matches occurred at the higher IS and lower pH conditions. From CNT analyses and the 
homogeneous nucleation rates in solution, we found that the supersaturation of Mn(OH)2 (s) 
affected the structural matches by controlling the heterogeneous nucleation rate. We further 
revealed the interfacial energies between Mn(OH)2 (s) and water, γnf = 71 ± 7 mM/m2. The 
calculated m values and γnf provides the variance of interfacial energy between Mn(OH)2 (s) and 
quartz, γsn = 262–272 mM/m2.  
Our finding has significant implications for many Mn-contaminated environmental 
systems in which we seek to decrease Mn2+ (aq) concentration, such as acid mine drainage 
(AMD),121 well water contamination in North Carolina,122 and groundwater contamination by 
natural leaching from organic matter.79 Specifically, in AMD remediation sites, to decrease Mn2+ 
(aq) concentration, high pH (>10) is required. Many AMD sites use lime or limestone as an active 
AMD treatment.98-100 The use of lime to induce high pH conditions (> pH 10) can increase IS to 
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90 mM–240 mM as well.29, 123 As discussed in this study, along with pH, IS change brings 
significant differences in heterogeneous nucleation on quartz, and nucleation affects remediation 
performance at AMD sites. For example, at 100 mM IS, quartz was almost completely covered by 
Mn (hydr)oxide nanoparticles with ~ 5 nm individual particle size. At 1 mM IS, the unevenly 
distributed aggregates have larger lateral and vertical dimensions than 100 nm, and 20 nm, 
respectively. Therefore, nucleation of Mn (hydr)oxide can create a much larger surface area on 
minerals under 100 mM IS conditions. The increased reactive surface area could also affect the 
reactivity of inherent mineral surfaces present in AMD sites. Also, nucleated Mn (hydr)oxides can 
armor lime or other chemicals, used for increasing pH in AMD remediation, and can hinder the 
dissolution of chemicals in remediation sites.124 While there might be differences in the extents of 
homogeneous and heterogeneous nucleation between specific field systems and our experimental 
system due to different pH conditions and complexations, our general conclusion that a more even 
distribution and larger number concentration of heterogeneously nucleated particles will occur in 
higher IS conditions due to the lower supersaturation condition is valid. Therefore, this improved 
understanding of the nucleation behaviors of Mn (hydr)oxide under varied IS will help us to 
understand and remediate Mn-rich sites.  
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2-S1. Preparation of quartz substrates 
Before the reaction, each quartz substrate was cleaned in a mixed solution of concentrated 
sulfuric acid and an oxidizing agent, Nochromix® , for 1 day to remove organic matter, and was 
sonicated in acetone, ethanol, and isopropanol, for 15 min and then rinsed three times with 
ultrapure deionized water (18.2 MΩ resistivity).94-95, 97, 125 Until the substrates were used, they were 
stored in ultrapure deionized water. The cleaned substrates were imaged using AFM, as shown in 
Figure 2-S1, to make sure that they were cleaned. The typical rms roughness of the cleaned quartz 
is about 2.0 Å . Just before the cleaned substrate was inserted into the batch reactor, the substrate 
was dried by high purity nitrogen gas to remove the DI water. 
 
Figure 2-S1. Clean (10 1 0) surface of quartz by AFM measurement. The AFM image size is 5 m × 5 m. The typical 





2-S2. pH and dissolved oxygen conditions 
The pH changes from various initial pH conditions were monitored over 1 hr. In the absence and 
presence of Mn2+ (aq), pH changes were monitored to confirm the effects of Mn(OH)2 (s) 
formation and carbon dioxide dissolution on pH over 1 hr, respectively. The pH measurements 
were also conducted at each elapsed time for other experiments (GISAXS, and AFM), and were 
consistent with the monitored continuous pH changes in bulk solution. To avoid unknown effects 
of the buffer solution (e.g., complexation and ionic strength changes by the addition of buffer) for 
nucleation behavior, we used an unbuffered experimental system to investigate the effects of pH 
on the nucleation and growth of Mn(OH)2 (s). As shown in Figure 2-S2A, in the absence of Mn
2+ 
(aq), carbon dioxide dissolution did not significantly affect the decrease of pH in open systems 
with stirring (± 0.05) over 1 hr. In the presence of Mn2+ (aq), pH decreased, and the decrease 
showed a difference under various pH conditions (Figure 2-S2B), which suggests that the decrease 
of pH is mostly attributed to Mn(OH)2 (s) formation and Mn oxidation. Therefore, the faster 
decrease of pH and Mn2+ concentration in solution and faster homogeneous nucleation at pH 10.1 
indicates higher supersaturation of Mn(OH)2 (s) at higher pH conditions. Furthermore, as shown 
in Figure 2-S2C, dissolved oxygen concentrations at pHs 9.8, 9.9, and 10.1 did not show significant 
change during 1 hr reaction.  














































Figure 2-S2. (A) Consistent pH values during 1 hr without manganese ion addition. (B) pH changes during 1 hr 
reaction in the presence of manganese ions. (C) The concentration of dissolved oxygen during 1 hr reaction in the 




2-S3. AFM tapping mode information 
AFM probe tips were made of 0.01–0.025Ω·cm Antimony (n) doped Si (Model: RTESP, 
MPP-11100-10, Bruker). Cantilevers 125 m long and, 35 m wide. The drive frequency was 300 
kHz, and the spring constant was 40 N/m. The vertical information of particles was used if they 
were spherical and smaller than 30 to 40 nm in the lateral dimension because AFM is not then, due 
to tip artifacts. In situ fluid cell AFM experiments were initially tested, but the fragile nature of 
newly formed particles resulted in significant artifacts by AFM tips. Drying samples may decrease 
particle size by dehydration. However, the process does not affect trends in size, morphology, and 
concentration of particles.94 AFM images were analyzed using Nanoscope 7.20 software provided 
by Veeco. 
2-S4. Small angle X-ray scattering (SAXS) and grazing incidence SAXS (GISAXS) 2-D image 
analyses 
SAXS measurement, 14 keV was utilized to achieve good transmission through a Kapton®  
window. A sample to detector distance of two meters (0.0085 Å -1 < scattering vector q < 0.276 
Å -1) was used. To avoid any X-ray beam interaction with Mn (hydr)oxide formation, each 
measurement of the varied elapsed times was done using newly prepared solutions and a 10 second 
beam exposure time. For the SAXS data analyses of 2 D images, the solution scattering before 
starting the reaction was used for background subtraction. For each SAXS image, the intensities 
were azimuthally averaged over the 2 D image at each scattering vector (q, unit: Å -1). For further 
analysis of the information from SAXS data, the invariant, Q, is calculated by 
   dqqqIQ
2)( ,         (2-S1) 
where I(q) is the resulting scattering intensity, and q is the range of magnitude of the scattering 
vector. The calculated Q is proportional to the total particle volume, which is subsequently 
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proportional to the total particle number. Data processing was conducted with Igor Pro (v 6.22A, 
WaveMetrics, Inc., Oregon).  
In this study, the detected 2D GISAXS scattering pattern analysis gave the lateral 
dimensions of heterogeneously nucleated particles on quartz from a 1D cut. The 1D intensity 
profiles were modeled by equation (2-S2):97, 126-127 
),,,,(),,()( fhpow vRdIqSrqNPqI  ,      (2-S2) 
),,(),,,,( fhpowfhpow vRqSqIvRdIqS 

,      (2-S3) 
where N is the number density, P(q, r, σ) is the particle form factor, q is the scattering vector, r is 
the radius, σ is the standard deviation, and S(q, Ipow, μ, Rh, vf) is the structural factor. For the particle 
form factor, we employed the Schultz distribution to consider the polydisperse size distribution of 
particles in our systems. The structural factor is described by two separate terms for aggregates 
(Ipowq
-μ) and primary particles (S(q, Rh, vf)). Ipowq
-μ explains the fractal behavior of aggregates of 
primary particles.128-129 S(q, Rh, vf) represents the hard-sphere Percus-Yevick model, with Rh and 
vf being the hard-sphere interaction distance and volume fraction, respectively. For dilute systems, 
the structure factor is equal to one.126 Fitted values of r and σ under various pH conditions and 
time lapses were used to calculate the radii of gyration (Rg) of the heterogeneously nucleated 








R Rg  .         (2-S4) 
Because our calculations of contact angles of heterogeneously nucleated particle employ a 









2-S5. Beam-interaction tests by checking multiple points of sample surfaces. 
 
 
Figure 2-S3. Confirming beam-interaction after a X-ray shot on the center of sample at 30 min in pH of 10.1. After 
taking a measurement at the center of the sample, we checked the right- and left-hand sides 1 mm from the center, 
which were not exposed to X-rays. The similar scattering spectra for three different positions indicated that there was 
no discernible beam-interaction in this in situ analysis by GISAXS.  
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2-S6. Procedures to analyze 2D GISAXS to 1D scattering pattern. 
 
Figure 2-S4. Example GISAXS 2D images showing the background subtraction and 1D cut at the Yoneda wing. For 
every each sample, before we started the reaction, background images were obtained with quartz and DI water. After 
a certain reaction time, scattering images from heterogeneously nucleated particles and quartz substrate were recorded. 
To obtain the information about heterogeneously nucleated particles, the background was subtracted from the raw 2D 
image, and 1D data was obtained from the data cut at the Yoneda wing. Band width along qz for integration was 10. 
 
2-S7. Inductively coupled plasma-optical emission spectroscopy measurement 
All reactions were conducted in the absence of quartz substrate. The samples were first 
centrifuged at 11,000 rpm for 5 min. Then, 5 ml of the supernatant solution was filtered using a 
0.2 μm polypropylene membrane and acidified using 5 ml of 2% HNO3 before ICP-OES 
measurements. We assumed that aqueous Mn concentrations did not include any significant Mn3+ 
aqueous species or Mn(III) and Mn(II) (hydr)oxide nanoparticles after centrifugation and filtration. 
This assumption is reasonable because Mn3+ is not soluble unless there are organic compounds 
present.27-28 We pretested and optimized the centrifugation and filtration processes to make sure 
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2-S8. Electrophoretic mobility measurements.  
A zetasizer (Nano ZS, Malvern Instruments Ltd.) tested the electrophoretic mobility of 
homogeneously and heterogeneously nucleated particles. To measure the zeta potential of the 
quartz without Mn (hydr)oxide formation, the quartz powders, which was expected to have similar 
electrostatic properties as y-cut single face quartz,130 were measured at our experimental conditions 
because of the technical difficulty in measuring zeta potentials from single crystal quartz surface. 
0.5 g of ground quartz powder and 2 ml of each reaction solution (1 mM, 10 mM or 100 mM 
NaNO3 without Mn(NO3)2 at a pH of 10.1 ± 0.1, adjusted using NaOH) were mixed and allowed 
to settle for 10 min. Solution from the upper region, which contained small suspended quartz power 
particles, that provide stable zeta potential signals, was analyzed. There is a caveat that the absolute 
values of the zeta potential measured with quartz powder can differ from that of the single crystal 




2-S9. Additional references of commercially obtained Mn(II) and Mn(III) minerals. 
 
Figure 2-S5. Reference XPS spectra of commercially obtained Mn(OH)2 (s) originating from the N’Chwaning II 
Mine, Northern Cape Province, South Africa (Mineralogical Research Co.) and -MnOOH originating from the 
Atikokan area, Ontario, Canada (Mineralogical Research Co.). (A) Mn 2p3/2 XPS spectra. (B) Mn 3s XPS spectra. 
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2-S10. Relationship between the terms of interfacial energy and the structural match with a 
substrate, and the CNT calculation procedure in our experimental system 
 
Figure 2-S6. Schematic of nucleation particles on a quartz substrate when they have different structural matches with 
the substrate. Particle 1 has a higher contact angle than particle 2. Therefore, m2 (cos θ2) is bigger than m1 (cos θ1).  
 
To suggest the possible mechanism of observed nucleation behavior on a quartz substrate, 
the structural match at the interface between the nucleating particle and substrate can be calculated 
by utilizing CNT. CNT has been applied to explain heterogeneous nucleation behaviors. 
Specifically, CNT using a continuum concept of structural matches has been previously used to 
provide a physical basis for explaining the heterogeneous of CaCO3, ice, and organic crystals on a 
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m = cos θ
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 .              
(2-S11) 
Here, J is the nucleation rate, J0 is the kinetic constant, γnf is the interfacial energy (J/m2) between 
the nucleating particle and fluid, k is the Boltzmann constant (1.38 × 10-23 J/K), T is the 
temperature, Ω is the volume of growth unit (cm3/molecule), τ is the induction time of nucleation, 
f and f’’ are the interfacial correlation function describing the influence of substrates on the 
nucleation barrier. Further, w is the dimensionless distance between the center of the substrate and 
the center of the nucleating particle divided by the critical radius, Rs is the average radius of 
substrates of a spherical shape, rc is the critical radius, and x is the relative size of foreign particles 
(Rs /rc). m is a parameter depending on the interaction and structural matching between the 
nucleating particle and the substrate. It is related to the interfacial energy between two different 
phases by, 
m = cos θ = (γsf - γsn) / γnf ,                  (2-S12) 
where γsf is the interfacial energy between the substrate and fluid, and γsn is the interfacial energy 
between the substrate and nucleating particle. At each supersaturation ratio, heterogeneous 
nucleation occurs fastest at a certain contact angle, θ, between the nucleating particle and substrate. 
If we express the integrated term of interfacial energies as m in equation (2-S12), then m represents 
the contact angle between the substrate and nucleating particle as shown in Figure 2-S6. The 
concept of structural match arises in classical nucleation theory from the derivation of the free 
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energy of formation for heterogeneous nuclei. A structure match can be also experimentally 
determined if the lattice spacing of a film and substrate at their interfacial structure can be resolved. 
For heterogeneous nucleation, the free energy of formation is given by74-75 
snsfsnnfnfnv SSVGG )(   ,                (2-S13) 
)/)(1(2
2
wmxrS cnf   ,                  (2-S14) 
)/)1(1(2
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.              (2-S16) 
Here, G  is the free energy of formation, vG  is the free energy difference per unit volume of 
nucleating particle, nV  is the volume of the nucleating particle on the substrate, and nfS  and snS  
are the surface areas of the interface between the nucleating particle and fluid, and between the 
substrate and nucleating particles, respectively. 
The critical free energy of nucleation is required to satisfy  
0/*  rG .                    (2-S17) 
The critical radius is obtained from the nucleation equation, 
vnf Gr  /2*  .                   (2-S18) 
By substituting the expressions from equation (2-S14), (2-S15), (2-S16), and (2-S18) into equation 
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As shown in equations (2-S13) to (2-S19), f is derived by considering the free energy of formation 
of a critical nucleus, and f’’ is derived for the surface of the nucleating particle on the substrate to 
consider the frequency of collision with other nucleating particles. Because both f and f’’ are 
derived from the surface area and volume of nucleated particle on the substrate,74 these are 
controlled by m. When m →1, which means that the contact angle goes to zero, the nucleated 
particle has a good structural match with the substrate, and f and f’’ go to zero. On the other hand, 
when m → -1, and x = 0, f and f’’ become 1, and equation (2-S6) describes the homogeneous 
nucleation rate. 
For calculations, we assumed that x is 1000 to describe heterogeneous nucleation on flat 
substrate.75 The m values showed the obtained points from this iterating calculation to find the 
interaction condition between the nucleating particle and substrate under each saturation condition 
in Figure 2.5. f and f’’ are calculated from the m values. 
Using the initial activities of OH- (aq) and Mn2+ (aq), the supersaturation ratios were 
calculated with respect to pyrochroite based on phase identification. Because our system did not 
have a Mn (III, IV) oxide formation, we can rule out the possibility of a polymerized cluster of 
solid Mn ((III)/IV) oxide as an initial precipitate.24 Reports by Morgan regarding Mn oxidation 
kinetics discussed that, in a supersaturated condition of Mn(OH)2 (s), Mn(OH)2 (s) is the initial 
precipitate.24, 133 The oxidation of Mn(OH)2 (s) is very rapid, and leads to Mn3O4 phase.
24 At an 
undersaturated condition, MnOOH was observed as initial precipitate.24 At both supersaturated 
and undersaturated conditions, Mn oxidation happens from Mn(OH)2 (s) and Mn(OH)2 (aq), 
respectively. This suggests that the hydroxide ions favor oxidation of Mn2+.134 Also, studies by 
Hem reported that the polymerized cluster, the precursor of Mn(OH)2 (s), is the initial precipitate 
in the supersaturated condition of Mn(OH)2 (s).
41, 43 Then, the precursor is transformed to -
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MnOOH or Mn3O4 at lower temperature and higher temperature than 10 °C, respectively. Because 
-MnOOH has a similar structure with pyrochroite, minimal disruption is required for a loss of 
protons to maintain charge balance.41, 43 However, the structure of Mn3O4 is different and requires 
a greater degree of disruption (higher energy barrier) due to a need for ejection of surplus water 
molecules. Thus, Hem’s studies reported that the rate of formation of Mn3O4 from polymerized 
pyrochroite would be more strongly temperature dependent than that of -MnOOH, and the latter 
turns out to be kinetically favored below about 10 °C.41, 43 Therefore, we proposed that Mn(II) 
hydroxide polymer is as initiator of the Mn (hydr)oxide formation in our supersaturated condition 
with regard to Mn(OH)2 (s).” For pyrochroite, the calculated supersaturation ratios are respectively 
9.2 and 6.8 for 1 mM and 100 mM IS, based on a Ksp of 10
-15.2.112 Because there is no study on the 
interfacial energy of pyrochroite, we assumed its interfacial energy to be 0.05 J/m2. Previous 
studies suggested that the higher oxidation state is favored by the higher interfacial energy from 
oxidation reduction phase equilibrium at nanoscale.118 Mn(OH)2 (s) can have a lower interfacial 
energy than hydrated Mn3O4, 0.96 J/m
2.118 CNT calculation showed film growth (m = ~1) when 
an interfacial energy higher than 0.20 J/m2 was used for the calculation. Therefore, to have the 
formation of heterogeneously nucleated particle as showed in our AFM images, an interfacial 
energy smaller than 0.20 J/m2 is required. Also, Mn(OH)2 (s) has a similar structure to Fe(OH)2 
(s), and the interfacial energy of Fe(OH)2 (s) is reported as 0.05 J/m
2. 120 Hence, assuming the 
interfacial energy of Mn(OH)2 (s) as 0.05 J/m
2 is reasonable in calculating the nucleation rate based 
on the oxidation-reduction phase equilibrium at nanoscale, the CNT calculation, and the structural 




2-S11. Thermodynamic calculations to check the impacts of Mn–bicarbonate and Mn–
carbonate complexation on the supersaturation of Mn(OH)2 (s). 
Our systems were saturated with respect to pyrochroite (Mn(OH)2 (s)). In this study, we 
focused on the Mn(OH)2 (s) supersaturation changes by varying IS, and on the effects of IS on the 
heterogeneous nucleation of Mn(OH)2 (s) and Mn3O4 (s). To check the effect of bicarbonate and 
carbonate complexation with Mn2+ on Mn(OH)2 (s) supersaturation changes, thermodynamic 
calculation using Geochemist’s Workbench Standard 8.0 (GWB 8.0) were conducted under the 
varied IS conditions (Table 2-S3). Although bicarbonate and carbonate are strong complex-
formers, and are affected by ionic strength, they exist at a much smaller concentration than Mn2+ 
(aq) based on our thermodynamic calculations (At 1 mM IS, the concentrations of Mn-bicarbonate 
(MnHCO3
+) and Mn–carbonate (MnCO3 (aq)) complexes were 0.0002 mM and 0.00004 mM, 
respectively. At 100 mM IS, the concentrations of Mn–bicarbonate (MnHCO3+) and Mn–carbonate 
(MnCO3 (aq)) complexes were 0.0001 mM and 0.00001 mM, respectively). These concentrations 
are much smaller than Mn2+ (aq) (0.099 mM and 0.093 mM at 1 mM IS and 100 mM IS, 
respectively). Also, based on the pH measurement and DO measurement in Figure 2-S2, we 
confirmed that our system’s pH values were not significantly affected by CO2 dissolution. The 
smaller concentrations of Mn-carbonate related complexes compared to Mn2+ (aq) indicates that 




2-S12. The analysis of heterogeneous nucleation of different elapsed times in a 1 mM IS 
system 
Figure 2-S7. AFM height images of different elapsed times in 1 mM IS: 5 min (A and E), 15 min (B and F), 30 min 
(C and G) and 60 min (D and H). At the early reaction times, large aggregated particles are observed, and small 
particles are made later. A 0.5 nm step width is shown in all images. The AFM image sizes of first row and second 
row are 5 m × 5 m and 1 m × 1 m, respectively.  
15 min5 min 30 min 60 min
200 nm 200 nm 200 nm 200 nm
E F G H
1μm 1μm 1μm 1μm





2-S13. Formation of rod-shaped assemblies on top of a heterogeneously nucleated particle 
on quartz. 
 
Figure 2-S8. AFM height image from the 100 mM IS system (A) at 15 min, and (A1) zoomed-in image. Formation 
of heterogeneously nucleated particles on top of a heterogeneously nucleated particle on quartz. After the particles 
undergo growth, they have an aggregation with connecting points between two particles as shown, and become a rod-




2-S14. Verification of the validity of the oriented attachment of rod-shaped aggregate in AFM 
image. 
Figure 2-S9, from the 100 mM IS condition, shows the heights of rod-shaped particles 
lying parallel (Figure 2-S9A1) and perpendicular (Figure 2-S9B1) to the AFM scanning direction. 
Specifically, there is a rod-shaped particle aligned perpendicular to the AFM scanning direction 
(Figure 2-S9B). The image in a perpendicular direction has similar valleys (B1) to those on the 
rod-shaped particles in the parallel direction (Figure 2-S9A1). The different scanning directions 
confirm that these valleys do not result from tip artifacts, but rather come from the attaching points 
of individual particles. The dimension of the longer axis of rod particles ranged from 150-250 nm, 
which is much larger than the dimension which is not affected by the 8 nm AFM tip radius.  
 
Figure 2-S9. AFM height images with zoomed-in images in the 100 mM IS condition. (A) and (B) were obtained 
from different positions. (A1) Rod-shaped particle aligned in parallel with the AFM scanning direction. (B1) Rod-




2-S15. Comparison of aggregated particles between 1 mM and 10 mM IS systems 
 
Figure 2-S10. AFM height images for comparison of aggregated particles between 1 mM IS (A) and 10 mM IS (B). 










2-S16. Phase identification of homogeneously nucleated Mn (hydr)oxide using Raman 
spectroscopy 
 
Figure 2-S11. Raman spectra of homogeneously nucleated Mn (hydr)oxide particles. Raman bands of 310, 357, and 
653cm-1 indicated hausmannite and pyrochroite. However, pyrochroite cannot be distinguished from hausmannite.   
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2-S17. The description of fitting results in Mn 2p3/2 and Mn 3s XPS spectra. 
In Figure 2-S12, the XPS spectra are compared with the Mn(II) only fitting and with the 
fitting which includes Mn(II) and Mn(III). The plots show that the spectra cannot be well-fitted 
using Mn(II) only: For both 1 mM IS and 100 mM IS, the fitting is over-estimated from the peak 
position at lower binding energy, and under-estimated at higher binding energies. When both the 
Mn(II) and Mn(III) oxidation states are used, the fitting is much better than for Mn(II) only. 
  
Figure 2-S12. XPS spectra obtained from the heterogeneously nucleated particles on the quartz surface and the fitting 
line using Mn(II) only at (A) 1 mM IS and (B) 100 mM IS, and using (C) both Mn(II) and Mn(III). 
 
To support the observed results from Mn 2p analysis, Mn 3s multiplet splitting was 
analyzed. The reference Mn 3s multiplet splitting values for Mn(II) and Mn(III) were considered 
to be 5.8 eV and 5.2 eV, respectively, based on previous literature provided in Table 2-S2. As 
shown in Figure 2-S13, in aerobic conditions, smaller values (5.5 eV and 5.6 eV at 1 mM and 100 
mM, respectively) of Mn 3s muliplet splitting were observed than in anaerobic conditions (5.8 eV 
at both 1 mM and 100 mM IS). The analysis indicates the oxidation state of formed particles was 
Mn(II) in anaerobic condition. In aerobic condition, the energy values were in the middle of Mn(II) 
(5.8 eV) and Mn(III) (5.2 eV). The energy values show that, in aerobic condition, the 
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heterogeneously nucleated particles have both Mn(II) and Mn(III). The results are consistent with 
the shift analysis of the Mn 2p3/2 orbital spin. 
 
Figure 2-S13. XPS spectra of Mn 3s photoelectron lines. The top two spectra were obtained from the aerobic condition 
in the varied IS systems. The bottom two spectra were obtained from the anaerobic condition in the varied IS systems.   
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2-S18. The fitting comparison for O1s photopeak of XPS spectra.  
In Figure 2-S14, the O1s photopeaks of XPS spectra obtained from aerobic and anaerobic 
conditions were fitted by Gaussian-Lorentzian curve-fitting. From all O1s spectra, there were the 
strongest peak is at 532.3 eV (blue line)103, 135, which comes from the oxygen bonding in the quartz 
crystal. In aerobic conditions, there was a small peak at 530.1 eV (green line)136-137, which is 
ascribed to lattice oxygen O2- from Mn Oxide. The analysis of O1s spectra can help to understand 
the formation of Mn (hydr)oxide. However, as shown in Figure 2-S14, because our experimental 
system has a quartz substrate, and the oxygen peak of the quartz has very strong intensities, we 
could not see any observable peaks of hydroxide and water-based oxygen.  
 
Figure 2-S14. XPS O1s spectrum of heterogeneously nucleated Mn (hydr)oxide on the quartz substrate in (A) aerobic 
1 mM, (B) aerobic 100 mM, (C) anaerobic 1 mM, and (D) anaerobic 100 mM IS. The black line represents the spectral 
data. The blue line and green line represent the O1s spectrum from quartz and Mn oxide, respectively. The horizontal 
black line represents the Shirley background.  
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2-S19. Identification of the mineral phases of the initial stage of heterogeneously nucleated 
Mn (hydr)oxide and particles having rod shapes and round shapes under anoxic conditions 
 To explore the initial phase and morphology of the heterogeneously nucleated Mn 
(hydr)oxide on quartz substrate, the heterogeneous nucleation and growth of Mn (hydr)oxides were 
investigated in an anaerobic Coy chamber (PO2 = 0 atm) to inhibit any oxidation. A Mn
2+ (aq) 
concentration of 0.1 mM and a pH of 10.1 were used under 1 mM and 100 mM IS conditions for 
1 hr. To remove dissolved oxygen, we used DI water purged by N2 for 2 hrs. To quench further 
reaction and oxidation, the reacted quartz substrates were cleaned by N2-purged DI water in the 
anaerobic Coy chamber, and quickly dried using high purity nitrogen gas. Although the number 
concentration and size of nucleated primary particle were not same as in the samples prepared in 
the aerobic condition, from XPS analysis, the nucleated particles in the anaerobic condition suggest 
that Mn(OH)2 (s) is the initial phase of heterogeneously nucleated Mn (hydr)oxide nanoparticles 
(Figure 2-S13). In addition, under anaerobic conditions, only big round particles formed by 
heterogeneous nucleation were observed on quartz, and not any rod-shaped particles. These round 
particles were identified as Mn(OH)2(s) using XPS. Under aerobic conditions, we observed both 
rod-shaped and round, aggregated particles (Figures 2.1A and 2.1C). XPS and XRD also shows 
the co-existence of Mn(OH)2(s) and Mn3O4 (Figure 2.3) under aerobic conditions. Although these 
results cannot give direct phase matching with the different shaped particles in AFM images, 
considering the Mn (hydr)oxide phase (from XPS) and morphology (from AFM) in anaerobic 
experiments, we can infer that the round particles are most likely Mn(OH)2(s) and the rod-shaped 






Figure 2-S15. AFM height images and XPS spectra obtained in the anaerobic condition at 1 mM IS and 100 mM IS, 
compare the phase and morphology of heterogeneously nucleated particles on quartz with aerobic condition. XPS 
fitting results indicated that for both IS systems, the samples showed the Mn(II) oxidation status. The AFM image 
size is 1 m × 1 m.   




2-S20. Qualitative ratios of rod-shaped particles (Mn3O4) to round particles (Mn(OH)2 (s)) 
under 1 mM IS and 100 mM IS conditions. 
The analysis of XPS spectra revealed that Mn(II) was the dominant oxidation state, at 60.8 
% and 73.0 % in the 1 mM IS and 100 mM IS systems (Table 2-S4), respectively. XPS provides 
information about the near surface of the sample.138 The height nanoparticles in our study is about 
1-10 nm, which is in the near surface range for which XPS gives information, and the newly 
formed particles did not cover the entire substrate surface in all experimental system. In our XPS 
analyses, we obtained a strong signal from quartz that prevented further quantitative analysis of 
the contribution of hydroxide and oxide surface groups from the nanoparticle samples. If the XPS 
sampling size only encompasses part of the nanoparticles, this can cause errors in the determination 
of the dominant Mn oxidation state. However, we also got a strong signal from quartz, which is 
underneath the heterogeneously nucleated particles. This suggests that our XPS sampling includes 
the entire nanoparticle population. Thus, our discussion of predominance is valid. Thus, we 
conclude that Mn(OH)2 (s) is the dominant Mn (hydr)oxide phase, while Mn3O4 also exists as an 
oxidized Mn (hydr)oxide phase in our experimental systems. Using Figure 2-S16 (larger AFM 
scan size images than Figure 2.1 images), we can compare the relative quantities of round particles 
(containing only Mn(II)) and rod-shaped particles (containing both Mn(II) and Mn(III) oxidation 
states) in 1 mM IS and 100 mM IS systems. We observed a higher ratio of round particles to rod-
shaped particles in the 100 mM IS system, indicating that a slightly higher Mn(II) percentage can 




Figure 2-S16. AFM height images for comparison of the ratio of rod-shaped particles (Mn3O4) to round particles 
(Mn(OH)2 (s)) between 1 mM IS (A) and 100 mM IS (B) systems. 1 mM IS showed higher ratio of rod-shaped particles 
(Mn3O4) to round particles (Mn(OH)2 (s)) than 100 mM IS. The AFM image size is 5 m × 5 m.   
1 m 1 m




2-S21. The total particle volume of newly formed Mn (hydr)oxide in solution  
 
Figure 2-S17. A comparison of total particle volume in solutions at varied IS suggests that homogeneous nucleation 
and growth are more dominant at 1 mM IS than at 100 mM IS. The grey bars represent the experimental error range 
for the calculation of total particle volume.  
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2-S22. Relative extent of Mn (hydr)oxide formation between homogeneous and 
heterogeneous nucleation. 
An approximate calculation was conducted to assess the relative extent of Mn (hydr)oxide 
formation between homogeneous and heterogeneous nucleation in the experimental system. From 
the ICP-OES measurement, after 1 hr reaction, we found that about 70 M and 60 M of 
homogeneously nucleated particles were formed under 1 mM and 100 mM IS, respectively. The 
calculation below shows a relatively much less heterogeneous nucleation than homogeneous 
nucleation. As shown in Table 2-S6, when we assumed that Mn (hydr)oxide (Mn(OH)2 (s)) entirely 
covered the quartz substrate (0.5 cm × 0.5 cm) with a 10 nm height, the concentration of 
heterogeneously nucleated Mn (hydr)oxide was 10 M, 7 times smaller than the homogeneously 
nucleated Mn (hydr)oxide values obtained from ICP-OES. Although the calculated concentration 
of heterogeneously nucleated particle is an over-estimate value, given the observed AFM results, 




2-S23. Size distribution of height measurements by analyzing AFM image 
 
 
Figure 2-S18. Examples of the height distributions analyzed from AFM images of samples reacted under the various 
pH conditions at 60 min. (A-B) The figures show lognormal-like distributions of heterogeneously nucleated particle 
height measurements. (D) Heights were measured using the same baseline of partially empty areas at the left and right 
sides of a particular particle. 











































































Figure 2-S19. GISAXS spectra of vertical cuts of in situ samples at pHs 9.9 and 10.1. The fitting results show heights 
of heterogeneously nucleated particles that are similar to the averaged heights in ex situ AFM measurements (pH 9.9 
at 60 min, 3.1 ± 0.2; pH 10.1 at 60 min, 4.2 ± 0.2) within error ranges. Therefore, drying effects on height changes of 
heterogeneously nucleated particles, from hydrated nuclei to dried nuclei were insignificant in this experimental 





2-S25. Correlation between particle size and structural match 
Figure 2-S20 shows the correlation analysis between particle size and structural match. While the 
bigger vertical dimensions of nanoparticles tend to show poorer structural matches (Figure 2-
S20B), lateral dimensions show insignificant correlation, based on the more randomly scattered 
data points in Figure 2-S20A. For example, the lateral dimensions at pH 9.8 are bigger than those 
at pH 10.1 at 5 min and 15 min, but the m values at pH 9.8 (squares at ~ 8 nm at 5 min and 15 min 
in Figure 2-S20A) are larger than those at pH 10.1 (triangles at ~ 6 nm (5 min) and at ~7.5 nm (15 
min) in Figure 2-S20A). The much less steep fitting line in Figure 2-S20A than that in Figure 2-
S20B also indicates the insignificant effect of lateral sizes on structural matches. Therefore, in our 
study, it is hard to show a clear correlation between particle size and structural match. 
 
 
Figure 2-S20. Insignificant effect of particle size on structural match. (A) Distribution of m values at each lateral 
dimension under various pH and over time. (B) Distribution of m values at each vertical dimension under various pH 
and over time. The fitting lines indicate the extent of correlation of m values with the lateral and vertical dimensions.    
 
The stronger correlation with the vertical dimension than the lateral dimension could result 
from the preferred growth of Mn(OH)2 (s) at the interface between Mn(OH)2 (s) nuclei and water 
rather than at the interface between quartz and Mn(OH)2 (s) nuclei, which would be consistent 
with the smaller γnf than γsn. Due to this interfacial relationship, growth will occur to minimize the 
interfacial area between quartz and Mn(OH)2 (s) nuclei, thus minimizing the total free energy sum.  
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2-S26. Effects of nucleation and growth rates on the change of particle sizes 
Particle sizes are inversely related to nucleation rates.60 In Table 2-S7, we calculated the radius of 
an equivalent sphere with the volume calculated using the analyzed horizontal and vertical 
dimensions of the heterogeneously nucleated particles. At 5 min, the heterogeneously nucleated 
particles in pH 9.8 had a slightly bigger particle size than that in the higher pH conditions. On the 
other hand, growth rate is proportional to particle size. At 60 min, the particles in pH 9.8 showed 
the smallest size. The equivalent sphere calculation indicates a slower nucleation and growth rate 




Table 2-S1. Initial solution compositions for Mn (hydr)oxide precipitation experiments. 
Mn(NO3)2 (μM) NaNO3 (mM) NaOH (mM) pH σ 
100 1 0.15 10.1 9.22 
100 10 0.15 10.1 8.19 
100 100 0.15 10.1 6.84 
100 100 0.10 9.8 1.72 
100 100 0.12 9.9 2.70 
100 100 0.15 10.1 6.84 
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Mn 2p3/2 Binding 
energy (eV) 
ΔEMn 3s References 
Mn(II) 
MnO 640.8 5.8 Junta and Hochella (1994)31 
MnO 641.0 6.1 
Di Castro and Polzonetti 
(1989)110 
MnO 641.2  Ramesh et. al. (2008)139 
MnO  6.0 Gorlin and Jaramillo (2010)140 
MnO 641.2  Liu et. al. (2014)141 
MnO  5.7 Cerrato et. al. (2010)142 
Mn(OH)2 
(s) 
641.0 5.7 This work 
Mn(III) 
Mn2O3 641.9 5.2 
Di Castro and Polzonetti 
(1989)110 
Mn2O3 641.8 5.0 Ramesh et. al. (2008)
139 
Mn2O3 641.8  Kuezma et. al. (2012)
143 
Mn2O3  5.2 Cerrato et. al. (2010)
142 
Mn2O3  5.1 Gorlin and Jaramillo (2010)
140 
-MnOOH 641.7 5.4 Junta and Hochella (1994)31 
-MnOOH 641.7 5.4 This work 
Mn(II/III) 
Mn3O4  5.3 Matsumoto and Sato (1986)
109 
Mn3O4 641.4 5.5 Ardizzone et. al. (1998)
111 
Mn3O4 641.4 5.3 Oku et. al. (1975)
108 
Mn3O4 641.5 5.3 









Table 2-S3. Thermodynamically calculated -bicarbonate and –carbonate concentrations. 
 1 mM IS system (mM) 100 mM IS system (mM) 
MnHCO3
+ 2.304e-004 9.667e-005 
MnCO3 (aq) 4.285e-005 1.106e-005 
Mn2+ 9.930e-002 9.312e-002 
 
 
Table 2-S4. Relative area of XPS spectra obtained from the integration of Gaussian-Lorentzian curve-fitting. Mn2+ 
and Mn3+ are fitted at binding energies of 641.1 eV and 641.8 eV, respectively. 
 Mn2+ (FWHM) Mn3+ (FWHM) 
1 mM IS 60.8 % (2.76) 39.2 % (3.50) 
100 mM IS 73.0 % (2.97) 27.0 % (3.82) 
 
 











Quartz with reaction 
of Mn at 0 min 
(mV) 
Quartz with reaction 
of Mn at 60 min 
(mV) 
1 -38.8 ± 2.2 1.4 ± 0.4 -40.7 ± 1.3 -37.9 ± 1.3 
10 -40.1 ± 2.6 -0.5 ± 2.2 -39.5 ± 3.6 -31.6 ± 5.2 





Table 2-S6. Rough calculations of heterogeneously nucleated Mn (hydr)oxide on quartz substrate, showing a 
relatively much smaller amount of heterogeneously nucleated Mn (hydr)oxide than homogeneously nucleated Mn 
(hydr)oxide. 
Surface area of the quartz substrate (m2) 2.5e-5 
Particle height (m) 1e-8 
Volume of the Mn (hydr)oxide covering quartz surface (m3) 2.5e-13 
Density of Mn(OH)2 (s) (g/cm
3) 3.27 
Mass of the Mn (hydr)oxide covering quartz surface (g) 8.2e-7 
Mole of the Mn (hydr)oxide covering quartz surface (mol) 9.2e-9 
Molar concentration in 1 ml reaction solution (M) 10 
 
 
Table 2-S7. Calculated radii of equivalent spheres containing the volume calculated using the analyzed horizontal and 
vertical dimensions. 
pH Radius at 5 min (nm) Radius at 60 min (nm) 
9.8 2.8 ± 0.2 3.6 ± 0.3 
9.9 2.5 ± 0.3 5.7 ± 1.1 


























Reprinted with permission from [Hui, Y.;# Jung, H.;# Kim, D.; Jun, Y.-S., Kinetics of α-MnOOH 
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Chapter 3: Kinetics of α-MnOOH Nanoparticle Formation through 
Enzymatically-catalyzed Biomineralization inside Apoferritin  




While biomineralization in apoferritin has effectively synthesized highly monodispersed 
nanoparticles of various metal oxides and hydroxides, the detailed kinetics and mechanisms of 
Mn(III) (hydr)oxide formation inside apoferritin cavities have not been reported. To address this 
knowledge gap, we first identified the phase of solid Mn(III) formed inside apoferritin cavities as 
-MnOOH. To analyze the oxidation and nucleation mechanism of -MnOOH inside apoferritin 
by quantifying oxidized Mn, we used a colorimetric method with leucoberbelin blue (LBB) 
solution. In this method, LBB dissembled apoferritin by inducing an acidic pH environment, and 
reduced -MnOOH nanoparticles. The LBB-enabled kinetic analyses of -MnOOH nanoparticle 
formation suggested that the orders of reaction with respect to Mn2+ and OH- are 2 and 4, 
respectively, and -MnOOH formation follows two-step pathways: First, soluble Mn2+ undergoes 
apoferritin catalyzed oxidation at the ferroxidase dinuclear center, Mn(III)-protein complex, P-
[Mn2O2(OH)2].  Second, the oxidized Mn(III) dissociates from the protein binding sites and is 
subsequently nucleated to form -MnOOH nanoparticles in the apoferritin cavities. This study 
reveals key kinetics and mechanistic information of the Mn-apoferritin systems and the results 
facilitate applications of apoferritin as a means of nanomaterial synthesis.   
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3.2 Introduction  
In Chapter 2, we showed the heterogeneous nucleation of Mn (hydr)oxide on a quartz 
surface, and explained the effect of nucleation kinetics of Mn(OH)2 (s), controlled by IS and pH. 
Here, using a protein template, apoferritin, we studied the kinetics and formation mechanisms of 
Mn (hydr)oxide via heterogeneous oxidation and nucleation. Self-assembled protein cages and 
viral capsids have gained wide interest from materials scientists. Because of their shell-like 
structures with a hollow interior space for bio-mineralization, they can serve as nanoreactors in the 
synthesis of a variety of highly monodispersed, inorganic nanomaterials.144-151 The variety of 
protein cage architectures allows precise control of the sizes and shapes of particles without using 
toxic organic surfactants, and results in nanoparticles with superior biocompatibility and new 
functionalities.152-155 Given these apparent advantages, extensive efforts have been made to 
establish a library of nanoreactors for synthesis of nanomaterials with specific properties.144, 146-149, 
156-160 For example, utilizing cowpea chlorotic mottle virus (CCMV) as a cage template, 
Cornelissen et al. generated monodisperse Prussian blue particles with a diameter of 18 ± 1.7 nm 
through photocatalysis.161 These synthesized protein-virus bio-hybrids were found to self-organize 
in a monolayer fashion on mica and other hydrophilic graphite surfaces.161  In addition, Watanabe 
et al. reported the synthesis of Pd nanoclusters in ferritin cavities through reduction of Pd2+ by 
NaBH4.
162 Compared to Pd particles alone, the Pd-encapsulated ferritin demonstrated a superior 
ability to catalyze size-selective hydrogenation of olefins.162 
Ferritin, one of the most studied protein cages for nanoparticle synthesis, comprises a class 
of iron storage proteins ubiquitously present among living species.163-164 Ferritin serves as an iron 
reservoir by sequestering iron when the cellular iron supply is high.163-165 With its architecture of 
a hollow spherical shell with an outer diameter of 12 nm and a central cavity 8 nm in diameter, a 
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ferritin molecule can store up to 4500 iron atoms in the form of Fe(III) (oxy)hydroxide through 
sequential oxidation and mineralization processes.163-164 Ferritin is composed of 24 subunits of two 
types, heavy (H) and light (L).166-168 The H subunit, with a conserved dinuclear ferroxidase center, 
exhibits enzymatic activity in catalyzing the oxidation of Fe2+. Although lacking the catalytic site 
for oxidation, the L subunit is more efficient in the subsequent mineralization of Fe(III) because 
of the strong negative charges carried by the glutamate clusters that serve as the nucleation sites 
for mineral formation.166-168 Kinetic studies of Fe(III) (hydr)oxide formation inside apoferritin 
have revealed two iron concentration-dependent mechanisms for the overall iron oxidation and 
nucleation processes.163, 169-172 Under low iron influx (less than 48 Fe(II) atoms/protein), oxidation 
of Fe2+ to Fe3+ occurs predominantly at the ferroxidase center, where the enzymatic sites bind two 
Fe(II), and hence catalyze their oxidation in the reaction with dissolved oxygen, producing H2O2. 
As iron flux increases (more than 48 Fe(II) atoms/protein) and ferroxidase sites become saturated 
with Fe(II), Fe(II) oxidation and sequential Fe(III) hydrolysis occur directly on the pre-nucleated 
Fe(III) (oxy)hydroxide surface.163, 169-172  
Since the mechanism of iron deposition in native ferritin has been revealed, many studies 
have attempted to use the empty ferritin shell (apoferritin) as a macromolecular template for 
synthesis of a variety of inorganic nanoparticles, including oxides or hydroxides of cobalt,173  
chromium,159 nickel,159 and indium,174 cadmium selenide,175 and cobalt/platinum alloys.176 The 
synthesized particles, together with the protein cage, have been employed in a variety of 
biomedical applications, such as drug delivery.177-182 The synthesis of Mn-apoferritin 
nanocomposite, in particular, has attracted great interest from the materials science field because 
of its use as a highly-functioning contrast agent in MRI.183-185 Mann’s group was the first to 
observe the successful synthesis of MnOOH nanoparticles in a ferritin cavities.186-187 To elucidate 
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the effect of apoferritin composition on MnOOH synthetic process, in their studies, they 
investigated recombinant apoferritin molecules with varied proportions of H- and L-chain subunits. 
In making their successful observations of MnOOH formation in apoferritin, Mann’s group 
correlated spectroscopic measurement at 450 nm with Mn(III) (oxy) hydroxide core formation 
inside apoferritin. However, in their study, the concentrations of solid Mn(III) formed inside 
apoferritin cavities could not be specified, and thus the detailed kinetics and mechanism of Mn(II) 
oxidation and Mn(III) (oxy) hydroxide nucleation in apoferritin were not reported. To better 
control of material’s properties, however, it is important to have sufficient knowledge about the 
mechanisms governing the protein-manganese interaction. Otherwise, the biomineralization 
process has remained largely uncontrolled, hence hindering its application in areas where time-
wise particle size and morphology control are required. 
In addition, while previous studies on the Fe-apoferritin system have revealed detailed 
mechanisms of oxidation and mineralization of FeOOH through kinetic analyses, the differences 
between the reaction pathways of the Fe and Mn systems remain largely unexplored.27,28,39 Thus, 
it is unclear whether the mechanism in Fe-apoferritin systems can sufficiently explain that in Mn-
apoferritin systems. Therefore, the purpose of our study is to investigate Mn-apoferritin systems, 
determining the stoichiometry and elucidating the step-wise reaction pathways for Mn oxidation 
and nucleation processes inside apoferritin cavities. In this study, we confirmed the specific phase 
of Mn(III) (hydr)oxide and provided detailed kinetic analyses of MnOOH formation inside 
apoferritin cavities by quantifying solid Mn(III) concentrations with the leucoberbelin blue (LBB) 
method. We also investigated the kinetics of -MnOOH formation. From there, we elucidated the 
similarities and differences in the oxidation mechanisms involved in Fe- and Mn-apoferritin 
systems. Our findings provide a new understanding of the functionality of apoferritin for MnOOH 
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synthesis and allow more systematic prediction and control of particle sizes and morphology when 
using macromolecular templates for synthesizing metal (hydr)oxide nanomaterials. 
3.3 Materials and Methods  
3.3.1 Sample preparation. Sample solutions were prepared using apoferritin extracted from 
equine spleen (0.2 µm filtered, Sigma-Aldrich, consisting of around 10% H and 90% L subunits188-
190), reagent-grade Mn(NO3)2·4H2O (99.98%, Alfa Aesar), AMPSO (99%, Sigma-Aldrich), and 
aerated ultrapure deionized water (resistivity >18.2 MΩ-cm, with 8.4 ± 0.1 mg/L of dissolved O2). 
All samples were prepared in 10 mL 0.05 M AMPSO buffer solution with 0.1 µM apoferritin. This 
preparation allowed us to maintain an initial pH condition during an experiment lasting several 
hours without any changes of the initial concentrations of Mn2+ (aq) and apoferritin and without 
precipitation of Mn(OH)2 (s)
61-62, all of which can occur if pH is maintained with dynamic titration. 
The AMPSO buffer has been widely employed in previous studies on MnOOH formation inside 
apoferritin, and thus we consider the use of AMPSO to be a proper experimental approach that can 
be more comparable to those in previous literature.186-187  
To examine the effect of OH- concentration on the rate of MnOOH formation, pH 
conditions of 8.90 ± 0.05, 9.00 ± 0.05, and 9.10 ± 0.05 were investigated. These pH ranges were 
chosen because they enable measuring the nucleation kinetics of MnOOH in apoferritin within 
hours, and can differentiate the nucleation of MnOOH in apoferritin and in solution. All samples 
used for Mn(III) quantification were replicated more than three times to account for the high 
sensitivity of the -MnOOH formation rate in apoferritin to changes in pH. To reach the target pH 
values, proper amounts of 1 M HNO3 solution were added. For each pH condition, samples with 
different Mn2+ concentrations were prepared by adjusting the initial Mn2+-to-apoferritin ratios to 
be 2000:1, 2500:1, 3000:1, 3500:1, and 4000:1.  
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Samples in test tubes were parafilm-sealed with a small punched hole to allow free access 
to air but to prevent unwanted contamination or significant water evaporation. Because oxygen 
was constantly replenished due to contact with the atmosphere and the sample solutions remained 
equilibrated with oxygen, we assumed that oxygen consumption was not a limiting factor for Mn 
oxidation kinetics. The measured oxygen concentration at pH 9.1 with an Mn to apoferritin ratio 
of 4000:1, which shows the fastest oxidation rate among the experimental conditions, also supports 
considering the oxygen concentration as a constant value (Figure 3-S1). To analyze the difference 
in nucleation pathways in systems with and without apoferritin, control experiments were 
conducted without the addition of apoferritin.  
3.3.2 Phase characterization. The oxidation states of the Mn solid phase in samples prepared 
with and without apoferritin were characterized using X-ray Photoelectron Spectroscopy (XPS, 
PHI 5000 VersaProbe II, Ulvac-PHI with monochromatic Al Kα radiation (1486.6 eV)). The Mn 
3p spin orbit was used because it provides more accurate information than the Mn 2p that is less  
sensitive to the bonding environment of the mineral.107 Likewise, because the intensity of Mn 3s 
spin orbit was too weak to get information about multiplet splitting, we used only Mn 3p spin orbit. 
From this analysis, the peak positions of experimental samples were compared to those of 
reference samples of Mn(II) and Mn(III). The peak positions of Mn(II) and Mn(III) used for 
reference were 48.1 eV and 48.7 eV, based on the average of values reported in previous works 
and those of purchased samples from the natural environment (3-S2 in the Supporting 
Information). C 1s at 284.8 eV was used as the reference energy level. To determine the oxidation 
states of Mn, peak positions given by the asymmetrical Gaussian−Lorentzian curve-fitting for the 
experimental samples were compared to the reference peak values. 
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High resolution transmission electron microscopy (HRTEM, JEOL 2100F) images of 
reaction systems with and without apoferritin were used to observe particle morphologies and to 
identify mineral phases. To identify the phases of Mn(III) (oxy)hydroxide nucleated inside 
apoferritin, samples were first centrifuged at 14,800 rpm for 10 minutes to separate potential 
homogeneous nucleation. The supernatants were collected for ultracentrifuging (Thermo Scientific 
Sorvall WX Ultra Series Centrifuge with a T-865 Fixed Angle Rotor) at 40,000 rpm for 30 minutes 
to obtain concentrated samples of Mn-reconstituted ferritin. d-spacing data calculated from the 
HRTEM-electron diffraction (ED) patterns were compared with the literature to further determine 
the phases of reaction products. 
In addition to ED analyses, synchrotron-based wide angle X-ray scattering (WAXS) further 
confirmed the mineral phase, formed inside apoferritin cavities. The measurements were 
conducted with an energy of 58.290 keV (λ = 0.2127 Å) on the beamline 11ID-B at the Advanced 
Photon Source at Argonne National Laboratory, IL. A sample reacted for 12 hrs at pH 9.0 with an 
Mn to apoferritin ratio of 2000:1 was transferred to a quartz capillary for in situ WAXS.  The 
sample was exposed for 180 s. Data from a background sample, prepared identically except for 
adding 200 µM of Mn2+ (aq), was also obtained with the same beam exposure time for background 
subtraction.  
Particle size distributions for samples with and without apoferritin were measured using 
dynamic light scattering (DLS, Zetasizer) at different elapsed times. Systems under each pH 
condition were given enough time to react so that the shift in the nucleation pathway from inside 
apoferritin cavities to in solution was completely observed in terms of particle size change. The 
particle size evolutions were monitored for 12, 8, and 5 hr for samples prepared at pH 8.9, 9.0, and 
9.1, respectively (3-S4 in the Supporting Information).  
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3.3.3 Colorimetric quantification of Mn(III) (oxy)hydroxide formation in apoferritin. 
Leucoberbelin blue (LBB, Sigma Aldrich) is a reducing agent that specifically reduces Mn of 
higher oxidation states to Mn2+, forming a colored species that allows colorimetric quantification 
of the oxidized Mn concentration using UV-vis spectroscopy.191 LBB solution was prepared by 
dissolving 0.004 % (w/v) of LBB in de-ionized water, to which 45 mM acetic acid was added, and 
the solution was stored at 4 °C overnight.191 The calibration curve was prepared by oxidizing the 
LBB solution with standard KMnO4 solutions, with the extinction coefficient, ɛ, determined to be 
205,000 M-1 at a wavelength of 625 nm.  
To prepare the samples for colorimetric measurement, an aliquot of 0.3 mL was taken from 
the reacting solutions and 1.5 mL of LBB solution was added. The samples were allowed to 
equilibrate in the dark for at least 30 minutes, after which the absorbance at 625 nm was measured 
using UV-Vis spectroscope (UV-Vis, Cary 50 Bio UV-Vis spectroscopy, Varian Inc.,).  
To understand how LBB molecules gain access to Mn(III) mineral cores, we analyzed the 
apoferritin particle size and morphology at varied pH conditions using atomic force microscopy 
(AFM, Nanoscope V multimode SPM, Veeco Inc.) in tapping mode. TEM images of samples after 
LBB treatment were also obtained to support the validity of using the LBB method for quantifying 
nucleated Mn(III) inside apoferritin cavities. To visualize the protein, the TEM samples were 
negatively stained with uranyl acetate (Electron Microscopy Sciences) and washed thoroughly 
with DI water.  
3.3.4 Kinetic analyses. Equation (3.1) was hypothesized to depict the formation kinetics of -
MnOOH, which we identified to be the phase of the reaction product formed inside apoferritin. 
𝑑[𝑀𝑛𝑂𝑂𝐻]
𝑑𝑡
 =  k[Mn2+]a [OH-]b                          (3.1)  
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The LBB-probed -MnOOH concentrations over time were then fitted linearly. The rate 
of Mn(III) formation at each experimental condition was then calculated from the slope of the 
linear regression lines. Non-linear regression fittings then provided the best-fit values of the overall 
rate constant for the combined oxidation and nucleation of α-MnOOH and the orders of reaction 
with respect to concentrations of Mn2+ and OH-. Based on the kinetic parameters obtained, we 
suggested the best predicted stoichiometric numbers of reacting species (a and b in equation (3.1)) 
and mechanism for the chemical reactions involved. The proposed mechanism was further 
confirmed from the detection of low concentrations of H2O2 by the peroxidase-catalyzed n,n-
diethyl-p-phenylenediamine oxidation method (3-S5 in the Supporting Information).  
3.4 Results and Discussion  
Identification of -MnOOH nanoparticle formation inside the apoferritin cavities  
Using XPS and TEM analyses, we identified two distinct nucleation pathways of -
MnOOH nanoparticle formation inside apoferritin cavities, as well as and larger-sized Mn(OH)2 
(s) particles (with an oxidized surface layer of Mn3O4) formed in bulk solution not associated with 
apoferritin. The oxidation states of products formed from reactions in the presence of apoferritin 
were measured using XPS (Figure 3.1A). The samples prepared with apoferritin had a Mn 3p peak 
position at 48.6 eV, which is in accord with the average of Mn(III) values reported in the literature 




Figure 3.1. (A) XPS spectra for samples prepared at pH 9.0 and with 200 µM Mn2+, with and without apoferritin. (B) 
TEM image and ED pattern of nucleated Mn(III) inside apoferritin prepared at pH 9.0 and with 200 µM Mn2+. (C) 
The background subtracted results of the in situ measurement of the synchrotron-based wide angle X-ray scattering 
used in identifying the phase of solid-state Mn(III) formation inside apoferritin cavities. 
 
To further characterize the phases of nucleated products inside apoferritin cavities, TEM 
images together with electron diffraction (ED) patterns were obtained for the sample prepared at 
pH 9 and with 200 µM Mn2+ (Figure 3.1B). Because Mn(OH)2 (s) forms more readily with an 
elevated Mn2+ concentration in solution, the lowest Mn(II)/apoferritin ratio (2000:1) was chosen 
for TEM analyses of nucleation inside apoferritin to avoid possible confusion from Mn(OH)2 (s) 
formed in solution. d-spacings of the solid phase were subsequently calculated from the ED pattern 
and compared with reference values of manganite (-MnOOH), groutite (α-MnOOH), 
feitknechtite (-MnOOH), pyrochroite (Mn(OH)2 (s)), and hausmannite (Mn3O4). Although both 
groutite and manganite have a d-spacing value of around 2.67 Å , as observed by TEM (Figure 
3.1B), ED analyses clearly showed two large d-spacings of 5.14 and 4.45 Å , which match only 
with the reference d-spacings of groutite (α-MnOOH) faces of (200) and (101). In addition to ED 
analyses, from in situ measurements of synchrotron-based wide angle X-ray scattering (WAXS) 
(Figure 3.1C), we also clearly observed the strong diffraction pattern of α-MnOOH at 21°, which 
is the strongest diffraction of α-MnOOH. The WAXS results further support the ED analyses by 
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confirming the phase of the nucleation product inside apoferritin cavities to be α-MnOOH. Thus, 
we can rule out possible effects of ultracentrifugation and drying on the phase transformation of 
synthesized α-MnOOH nanoparticles in apoferritin. Our finding differs from that provided by 
Mann’s group, who found that the phase of ferritin-encapsulated Mn resembles - and -MnOOH, 
based on X-ray absorption spectroscopy (XAS).187 The difference in mineral phase formation 
between our study and Mann’s study could arise because of varied experimental conditions. The 
concentration of apoferritin (Mann’s study used 2.25 µM, while we used a much lower 
concentration, 0.10 µM) could affect the phases of final reaction products due to different 
saturation conditions with respect to the potential Mn(III) (oxy)hydroxide phases.187  
To complement what we found for solid phase Mn(III) formation inside apoferritin cavities, 
the phase of Mn (hydr)oxide particles formed in solution (from samples prepared without 
apoferritin) were identified by XPS, XRD, and TEM (Figure 3.1A and Figure 3-S3). The XPS 
spectrum shows the peak position for a sample prepared without apoferritin is at 48.2 eV, which 
is in between the reference values of Mn(II) (48.1 eV), and Mn(III) (48.7 eV), indicating the 
formation of a mineral phase different from that found in the sample prepared with apoferritin (i.e., 
a peak shown at 48.6 eV). Further characterization by XRD and TEM confirms that the phase of 
nucleation in the bulk solution is mainly pyrochroite (Mn(OH)2 (s)) with a small hint of oxidized 
hausmannite (Mn3O4) on the surface, with a much bigger particle size (> 50 nm) (Figure 3-S3B) 
than that of nanoparticles nucleated in apoferritin (~8 nm) (Figure 3.1B). Comparison between 
nucleation in solution and that within apoferritin cavities suggests that apoferritin affects Mn 
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Figure 3.2. DLS particle size profiles for samples prepared under (A) pH 8.9, (B) pH 9.0, and (C) pH 9.1 with 350 
M Mn2+. 
 
To monitor the evolution of the dominant nucleation pathway in Mn-apoferritin systems, 
from inside apoferritin cavities to in the bulk solution, we measured the particle size distributions 
of samples prepared under varied experimental conditions (pH 8.9–9.1 and Mn(II)/protein ratios 
2000:1–4000:1) at different elapsed times. Representative particle size distributions under pH 8.9, 
9.0, and 9.1 with Mn(II)/protein ratios 3500:1 are shown in Figure 3.2 and the complete data set is 
available in Figure 3-S4. The sizes of the particles remained around 11 nm at the early stage of 
reaction (before 8, 6, and 4 hr, respectively for samples prepared under pH 8.9, 9.0, and 9.1), 
indicating that the particles formed mainly inside the apoferritin cavity, which has an outer 
diameter of 12 nm.19 As the reaction continues, sharp increase in particle size suggests nucleation 
in solution dominates over apoferritin in number concentration. Together with XPS and TEM 
characterizations, the DLS data suggested there are two distinct nucleation pathways: one inside 
the apoferritin and another in the bulk solution (Figure 3-S4 and Figure 3-S6). Mn oxidation and 
mineralization inside apoferritin cavities forms α-MnOOH nanoparticles with sizes confined to the 
dimension of the cavity (Figure 3-S4). Nucleation in the bulk solution forms combined pyrochroite 
(Mn(OH)2 (s)) and hausmannite (Mn3O4) with larger sizes (> 50 nm) upon oxidation by dissolved 
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oxygen (Figure 3-S3 and Figure 3-S6). The shift in particle size profiles for samples prepared 
under varied experimental conditions also indicate that nucleation inside apoferritin cavities is 
preferred to that in solution at the early period of reaction (before 8, 6, and 4 hr respectively for 
samples prepared under pH 8.9, 9.0, and 9.1). The thermodynamics suggests that the preference 
could be due to the reduced energy barrier provided by iron-coordinating amino acid residues 
(His65, Glu27, Glu61, Glu62, and Glu 107 for ferritins) at the ferroxidase center that catalyzes Mn 
oxidation, similar to the reaction pathway in the protein catalysis mechanism reported in iron 
deposition studies.60 As the nucleation sites in apoferritin approach saturation, nucleation formed 
in bulk solution dominates as the reaction proceeds. We also found that the transition between the 
two nucleation pathways is highly dependent on the initial experimental conditions (Figure 3-S4). 
The transition from nucleation inside apoferritin to nucleation in bulk solution takes place earlier 
at higher pH and with higher Mn2+ concentration, implying that OH- and Mn2+ are rate-determining 
agents for apoferritin-mediated heterogeneous oxidation and nucleation.  
LBB quantification of -MnOOH nanoparticles formed inside apoferritin cavities  
To obtain the combined rate of both oxidation and nucleation of Mn inside apoferritin, α-
MnOOH concentrations inside apoferritin cavities were quantified colorimetrically by LBB, which 
is a reducing agent that specifically reduces Mn of higher oxidation states to Mn2+. The LBB 
molecule, with its multiple benzene-ring structure, is not likely to enter the protein’s interior 
through the hydrophilic channels because the narrowest part of the channels is only 3 to 4 Å  
across.165 Previous research by Kim et al. discovered that the apoferritin structure will undergo 
gradual disintegration under pH below 3.40.190 Thus, we hypothesized that LBB penetrates the 
protein shell through the disintegrated protein and hence reduces the α-MnOOH core. To test this 
hypothesis, the particle size profiles of apoferritin solutions under pH 9.0, 3.0, and 1.0 were 
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captured with DLS. The large z-average (the intensity weighted mean hydrodynamic size) for pH 
9.0 might result from the presence of impurities. Despite the interference from the background 
condition, as shown in Figure 3.3D, the z-average of the apoferritin samples increases significantly 
with lower pH, which confirms that aggregation occurred as regular structures of apoferritin were 
disrupted. AFM images confirmed the effects of pH on apoferritin morphologies (Figure 3.3A–C).  
 
Figure 3.3. AFM images of 0.1M apoferritin solution prepared under (A) pH 9.0, (B) pH 3.0, and (C) pH 1.0. Height 
profiles were obtained at white-dotted lines. (D) z-averages (intensity weighted mean hydrodynamic sizes) from DLS 
measurement for 0.1M apoferritin solution prepared under pH 9.0, 3.0, and 1.0. (E) TEM image of post-LBB treated 
sample prepared under pH 9.0 and with 200 M Mn2+, after negative staining with uranyl acetate.  
 
At pH 9.0, apoferritins generally retain the well-defined spherical shape, suggesting intact 
structures. As the pH was lowered to 3.0, the particle morphologies became less identifiable, and 
aggregations of disassembled apoferritin fragments appear in the AFM images. At pH 1.0, the 
tertiary structures of the proteins were completely lost, and an elongated conformation of unfolded 
polypeptides was observed. The pH of LBB solution used in our study was 3.1. Based on the AFM 
105 
 
and DLS results, we concluded that under the low pH condition induced by the LBB solution, LBB 
molecules are able to traverse the protein shell and reduce the α-MnOOH core in the central cavity 
through fragmented surfaces resulting from the acidic pH environment.  
To further confirm the successful reduction of the α-MnOOH by the LBB method, TEM 
images of samples after LBB treatment were obtained (Figure 3.3E). The negative staining shows 
protein aggregation in post-LBB treated samples, again confirming the deterioration of apoferritin 
in the LBB solution. Also, we detected d-spacing values of 3.30 Å , which are consistent with the 
reference values of uranyl acetate (Figure 3.3E), while no values that could possibly match with 
Mn (hydr)oxide phases were identified. The absence of solid phase Mn(III) in TEM images (Figure 
3.3E) suggests that the α-MnOOH particles formed inside apoferritin cavity have been completely 
reduced to Mn2+, and thus the LBB method provides a reliable means for quantifying α-MnOOH 
deposition inside apoferritin cavities.  
Determination of the combined rates of oxidation and nucleation of Mn inside apoferritin 
from pseudo-zeroth order kinetics  
To determine the combined rate of Mn oxidation and nucleation inside apoferritin using 
the LBB method, we measured the concentrations of Mn(III) in samples prepared under all 
experimental conditions at different elapsed times. The combined oxidation and nucleation process 
inside apoferritin obeyed pseudo-zeroth order kinetics, with Mn2+ and OH- being the rate-
determining agents. As shown in Figure 3-S4, particle size profiles of the samples indicated that 
the transition of nucleation from inside apoferritin to in the bulk solution depends on both pH and 
Mn2+ concentrations. Therefore, to obtain accurate kinetics solely for nucleation occurring inside 
apoferritin cavities, we restricted the duration of the reaction to before the transition, so that effect 
of Mn(OH)2 (s) formation in the bulk solution was not taken into account. For pH 8.9 and 9.0, 
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concentrations of Mn(III) were measured at 2 hr intervals to 8 hr; for pH 9.1, concentrations of 
Mn(III) were measured at 0.5 hr intervals to 3 hr because of the markedly more rapid MnOOH 
formation from heterogeneous nucleation at the slightly higher pH. The saturation indices of 
Mn(OH)2 (s) were calculated to explain the more rapid nucleation in solution with increasing pH 
and Mn2+ concentrations (Table 3-S2 and 3-S4 in the Supporting Information). α-MnOOH 
concentration profiles for each experimental condition are shown in Figure 3.4.  
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Figure 3.4. Experimentally measured concentrations of Mn(III) determined using the LBB method, and fitted linear 
regression lines for samples with different Mn(II)/protein ratios at (A) pH 8.9, (B) pH 9.0, and (C) pH 9.1.  
 
A linear increase in Mn(III) concentrations with time is seen and can be explained from 
the pseudo-zeroth order kinetics. Because unlimited access to air was guaranteed for all samples 
during reaction, and because oxygen consumption by Mn oxidation was negligible compared to 
the total dissolved oxygen in the solution, the oxygen level was assumed to remain unchanged 
throughout the reaction. Also, the Mn concentration was assumed to be constant due to the high 
Mn-to-apoferritin ratio (higher than 1000:1) used in this study. Therefore, we fitted the 
experimental data with linear regression lines and obtained the initial rate of reaction by calculating 
the slope of each (Figure 3.4). The initial rate of reaction increases with pH and Mn2+ 
concentrations, which confirms that the OH- and Mn2+ are rate-determining agents.  
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Overall reaction rates and the proposed mechanism 
By fitting the overall rates of oxidation and nucleation obtained from experiments to the 
hypothesized rate equation, equation (3.1), we specified the kinetic parameters in the rate equation 
and proposed that -MnOOH nanoparticles form in sequential steps of oxidation and 
mineralization at the ferroxidase center of apoferritin with the involvement of two intermediates.  
To obtain the rate constant, k, and the orders of reactions with regard to OH- and Mn2+, a and b as 
specified in equation (3.1), we fitted the experimentally obtained rates of reaction to equation (3.1) 
with assumed combinations of a and b, using non-linear least squares regression (Figure 3.5). The 
rate equation best describes the experimental data when a and b are 2 and 4, respectively, under 
which case the best-fit value of the overall rate constant, k, is 1.28  10-9 M-5hr-1 (Figure 3.5). 
The high order of reaction with respect to OH- also explains the high sensitivity of the reaction 
systems to even minor changes in pH condition (Figure 3.5B). To further support the validity of 
the fitting results, we analyzed the goodness of fit by calculating R squares for a range of a and b 
values. The best-fit results give a R square value of 0.9953, confirming the high accuracy with 

























































Figure 3.5. Rates of overall Mn oxidation and nucleation inside apoferritin cavities determined from the slopes of 
linear regression lines in Figure 3.4 and fitted results using equation (3.1), with a = 2, b = 4, and k = 1.28  10-9 M-




Based on the kinetics parameters predicted by the computational fitting, we propose here 
a possible mechanism for enzymatically-catalyzed Mn(III)OOH formation.   
Oxidation: 2Mn2+ + O2 + 4OH
- + P 
𝑘1








→  2MnIIIOOH(core)    (3.4) 
Overall: 2Mn2+ + O2+ 4OH
- 
𝑘
→ 2MnIIIOOH(core) + H2O2    (3.5) 
Here, P is the protein, k1, k2, and k3 are the rate constants for the respective elementary 
steps. We propose that sequential oxidation and mineralization reactions with the formation of two 
intermediates lead to the overall α-MnOOH deposition in apoferritin. The rate-determining step in 
the oxidation process generates the Mn(III)-apoferritin complex, which forms at the ferroxidase 
dinuclear center because of protein catalysis.  The oxidized Mn(III) then rapidly dissociate from 
the binding sites in the protein shell. The free Mn(III) subsequently diffuses into the protein 
cavities, where mineralization occurs to form nascent -MnOOH core. The formation of 
intermediates in the Mn-apo system can be justified from the iron deposition process in native 
ferritin. Previous studies reported that the first intermediate formed from Fe(II) oxidation at the 
ferroxidase center by oxygen is μ-1,2-peroxodiFe(III).169, 192-195 The initial intermediate 
subsequently dissociates to one or more μ-oxo(hydroxo)-bridged diFe(III) intermediate(s), which 
ultimately lead to the formation of the nascent mineral core. Based on the Fe studies, enzymatically 
catalyzed oxidation reactions occurring at the ferroxidase dinuclear center might also exist for the 
Mn-apoferritin system and explain the observed kinetics in this study, although the phase and 
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structure of the intermediates formed in the two systems differ from each other because of the 
difference in the reaction stoichiometry.  
In this study, by assuming pseudo-steady state kinetics for P-[Mn2O2(OH)2], we derived 
the following expression for P-[Mn2O2(OH)2]: 
P-[Mn2O2(OH)2] =k1/k2[O2][Mn
2+]2[OH-]4.      (3.6) 
Next, by assuming pseudo-steady state kinetics for [Mn2O2(OH)2]
 and substitute equation (3.6) 
into the expression, we obtained equation (3.7) for [Mn2O2(OH)2] 
[Mn2O2(OH)2]
 = k2/k3 P-[Mn2O2(OH)2] 
                           = k1/k3[O2][Mn
2+]2[OH-]4.      (3.7) 
By substituting equation (3.7) into the rate equation for α-MnOOH formation (equation (3.1)), we 







2+]2[OH-]4.       (3.8) 
The product of the elementary rate constant, k1 and dissolved oxygen concentration can be lumped 
into the overall rate constant, k, and the rate equation can be rearranged into the final form 
𝑑[𝑀𝑛𝑂𝑂𝐻]
𝑑𝑡
 = k[Mn2+]2[OH-]4.                                                           (3.9) 
Because the overall reaction forms H2O2 as one of the final products (equation (3.4)), to 
further test the validity of the proposed reaction stoichiometry, we used the peroxidase-catalyzed 
n,n-diethyl-p-phenylenediamine oxidation method to detect the presence of H2O2 (3-S5 in the 
Supporting Information). The UV spectra obtained after 4 hr and 12 hr of reaction show clear 
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absorbance peaks at 551 nm.196 Because of the instability of H2O2, we focused on confirming the 
presence of H2O2 rather than obtaining the exact H2O2 concentration. The presence of strong peak 
at 551 nm (Figure 3-S5) confirmed the formation of H2O2 during the overall reaction. Based on 
the intermediate formation and the presence of H2O2, we suggest that separate oxidation and 
mineralization reactions are involved in the overall MnOOH formation in apoferritin.  
To extend our discussion of the reaction stoichiometry and the catalytic function of 
apoferritin on α-MnOOH formation to the synthetic processes of other nanomaterials, we 
compared the deposition of Mn in apoferritin to that of Fe. As shown in equation (3.5), the overall 
stoichiometry involved in α-MnOOH formation is similar to the protein catalysis mechanism 
proposed in Fe studies in the respect that both systems undergo apoferritin-mediated oxidation 
reactions.172, 197 The similarity suggests that Mn2+ up-taken into the protein is likely to go through 
the ferroxidase center, where a series of key glutamate residues on the exposed surface serve to 
catalyze the oxidation of Mn.163, 172, 197 However, the deposition of Mn in apoferritin is 
distinguished from Fe(III) oxy(hydr)oxide formation in that the order of reactions with respect to 
the metal and hydroxyl are 2 and 2, respectively in the protein catalysis model proposed in the Fe 
study, while we found the orders were 2 and 4 for the Mn-apoferritin system. This difference in 
kinetic aspect suggests that despite protein catalyzes the oxidation reactions in both cases, the 
reactions themselves are different, forming intermediates of different phases and structures. In 
addition, the protein catalysis mechanism is applicable for even high Mn(II)/apoferritin ratios 
(higher than 1000 :1). In the Fe case, the mechanism occurs only transiently at the incipient stage 
of reaction under low Fe flux (less than 48 Fe(II)/protein), and reactions occur directly on the 
mineral surface without protein catalysis as Fe flux is increased above the threshold ratio.172, 197 
The slower oxidation kinetics of Mn might have contributed to this difference in enzymatic 
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function of apoferritin in Mn and Fe systems. Despite the difference in phases of intermediates 
and kinetics, this mechanistic study also elucidates the role of the ferroxidase center shared 
between the two systems, suggesting that the enzymatic sites of the protein may engage in the 
formation of other metal-oxyhydroxide(s) in similar ways. Thus, this work highlights the 
importance of kinetic control in mechanistic studies or nanomaterial synthesis when using 
apoferritin as the mineralization platform.  This new information can benefit in the optimization 
of bio-inspired synthesis of uniform-sized nanomaterials. 
3.5 Conclusions and Implications  
We investigated the kinetics and mechanism of Mn oxidation and nucleation in apoferritin. 
We identified two distinct nucleation pathways in an apoferritin-Mn system: nucleation inside 
apoferritin cavities forms α-MnOOH nanoparticles with sizes of 6–8 nm, and nucleation in solution 
forms Mn(OH)2 (s) (with an oxidized layer of Mn3O4) particles of larger sizes (> 50 nm). 
Nucleation of α-MnOOH in apoferritin is favored at the early stage of reaction, then nucleation of 
Mn (hydr)oxides in solution gradually dominates as the reaction continues. We confirmed that the 
step-wise disassembly of apoferritin under acidic conditions induced by LBB solution allows the 
LBB molecules to traverse the protein shell, and thus quantify the nucleated α-MnOOH in 
apoferritin as a complete reduction of Mn(III). From the fitting results, we found that Mn2+ and 
OH- are rate-determining agents with best-fit orders of reaction of 2 and 4, respectively. Based on 
kinetic analyses, we proposed that α-MnOOH forms along with H2O2 through sequential steps of 
oxidation and mineralization, with the possible involvement of two intermediates. Our findings 
illustrate the appropriate experimental conditions that allow pure synthesis of α-MnOOH 
nanoparticles in apoferritin without being affected by unwanted Mn (hydr)oxide nucleation in 
solution.  In addition, the suggested oxidation and nucleation mechanisms will provide 
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implications to understand the formation behaviors of other inorganic nanoparticles using other 
protein cages as macromolecular templates through biomineralization. 
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3-S1. Dissolved oxygen concentration 
All sample solutions prepared in this study were allowed free access to atmosphere. To prove that oxygen 
concentration was not a limiting factor for Mn oxidation kinetics, the dissolved oxygen concentration in a 
sample prepared at pH 9.1 with an Mn to apoferritin ratio of 4000:1 was measured throughout the course 
of reaction (Figure 3-S1). Under this experimental condition, which had the highest rate of oxygen 
consumption (2.5 µM/hr), no changes in dissolved oxygen concentration were observed, suggesting that 
the rate of oxygen transport into solution exceeded that of depletion. Our approximate calculation of the 
dissolved oxygen level also showed no discernible decrease at pH 9.1 with an Mn to apoferritin ratio of 









             (3-S1) 
Here, kL is the oxygen mass transfer coefficient (0.002–0.03 cm/s,199 a variable whose value depends 
on experimental  conditions. To be conservative, we used 0.0001 cm/s for the calculation in Figure 3-S1), 
where a is the interfacial area per unit volume (0.785 cm2/cm3), Cst is the concentration of saturated 
oxygen in the solution (264 µM), CO2 is the oxygen concentration, and Rconsumption is the rate of 
oxygen consumption by the oxidation of Mn2+ (aq) to Mn(III) (2.5 µM/hr). From the constants and 
equation (3-S1), we can get the calculated dissolved oxygen concentration as a function of time 
(Figure 3-S1). Although the oxygen concentration was calculated with a much lower value of kL 
than the reference value range, the calculated oxygen level still shows no significant decrease. 
114 
 
Thus, both the measured and calculated oxygen concentrations clearly demonstrate that oxygen 
concentration can be considered a constant parameter in our experimental systems. Therefore, we 
conclude that dissolved oxygen concentration does not affect Mn oxidation kinetics. 
 
Figure 3-S1. The measured and calculated concentrations of dissolved oxygen at pH 9.1 with an Mn to apoferritin 
ratio of 4000:1, which shows the fastest oxidation rate among the experimental conditions. The measurement shows 
that the concentration of dissolved oxygen remains within the saturated condition. Also, the calculation shows no 






3-S2. XPS references  
For XPS analyses, the Mn 3p photoline was used to determine the oxidation states of 
hetero- and homogeneously nucleated Mn (hydr)oxides. Mn(II) and Mn(III) came from 
commercial samples of MnO (Sigma Aldrich) and -MnOOH (Mineralogical Research Co., the 
Atikokan area, Ontario, Canada). The Gaussian−Lorentzian curve-fitting of the reference samples 
shows peak positions at 48.1 and 48.6 eV for Mn(II) and Mn(III) respectively (Figure 3-S2). To 
account for impurities arising from oxidation in the commercially obtained samples, we also 
compared them with the Mn 3p peak positions reported in the literature (Table 3-S1). The peak 
positions of Mn(II) and Mn(III) used for reference were 48.1 and 48.7 eV, based on the average 
values reported in the literature and those obtained from our own samples.   
  
Figure 3-S2. Reference XPS Mn 3p spectra of Mn(OH) (s) obtained from commercial samples of MnO (Sigma 
Aldrich) and -MnOOH (Mineralogical Research Co., the Atikokan area, Ontario, Canada).   

















3-S3. Identification of nucleation of Mn (hydr)oxides in solution  
Using XRD and TEM, the solid phases of homogeneously nucleated Mn (hydr)oxides in 
bulk solution were identified to be mainly Mn(OH)2 (s) with an oxidized surface layer of Mn3O4. 
The XRD pattern of the control sample (without apoferritin) prepared under pH 9.0 shows a high 
intensity peak at 18.9°, which corresponds to pyrochroite (Mn(OH)2 (s)) (Figure 3-S3A). To 
further confirm the phase of the nucleation products in solution, we obtained a TEM image of 
sample prepared under pH 9.0 and with an Mn2+/apoferritin ratio of 3000:1 after one-day reaction. 
The d-spacing determined from the TEM image was 3.08 Å , which is consistent with a reference 
value for Mn3O4. The results suggest that the nucleated particles in solution are mainly Mn(OH)2 
(s) as indicated by XRD. In addition, surface characterization by TEM suggests the presence of an 
oxidized layer of Mn3O4. 
 
Figure 3-S3. (A) XRD pattern and (B) TEM images of the sample prepared at pH 9.0 and with a Mn2+ concentration 





3-S4. Particle size profiles for samples prepared with 0.1 M apoferritin solution at different 
pH conditions and with varied Mn(II)/apoferritin ratios 
The particle size profiles for samples prepared under varied experimental conditions were 
measured by DLS. The peak at 12 nm indicates that nucleation inside apoferritin dominates at the 
early stage of reaction, while the sharp increase in particle size suggests that nucleation in solution 
dominates as the reaction continues. In Figure 3-S4, with an increase of pH and Mn2+ 
concentrations, the onset time for homogeneous nucleation also became shorter. The trend can be 
explained by saturation (IAP/Ksp) with respect to Mn(OH)2 (s), which is observed as the initial 
phase of homogeneously nucleated Mn (hydr)oxide. IAP is the activity product of the reactants, 
and Ksp is the equilibrium constant, 10
-15.2.200 The occurrence of nucleation of Mn(OH)2 (s) under 
the undersaturated conditions (Table 3-S2) in solution could result from the different Ksp value of 
newly formed particles from that from the literature. In the literature, Ksp was derived from the 
measurement of ion concentrations from the dissolution of bulk Mn(OH)2 (s), rather than from 
equilibrium solubility measurements of newly formed nanoparticles. A similar issue, regarding 
different Ksp values between bulk mineral and newly formed nanoparticles, was also reported for 
the nucleation of basanite (CaSO4•0.5H2O).201 Thus, the exact saturation calculations in apoferritin 
can be different from the calculated values in Table 3-S2. However, the calculated saturations and 
experimental observation show a consistent trend that a faster nucleation rate occurs at a higher 
saturation. As shown in Table 3-S2, the higher the pH and Mn2+, the higher the saturation of 
Mn(OH)2 (s). Thus, the observed relatively faster onset time of homogeneous nucleation under 




Figure 3-S4. Particle size profiles by DLS of samples prepared with 0.1M apoferritin at varied experimental 
conditions (pH from 8.9 to 9.1, and Mn2+/apoferritin ratios from 2000:1 to 4000:1).  
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3-S5. Photometric detection of H2O2 by peroxidase catalyzed oxidation of N,N-diethyl-p-
phenylenediamine (DPD)  
To test our proposed stoichiometry and confirm the presence of H2O2 during reaction, we 
used the DPD method. In this method, H2O2 first oxidizes horseradish peroxidase (POD) to a 
higher valence state of POD, which subsequently oxidizes two equivalents of DPD to DPD radicals. 
The resonance-stabilized DPD radicals exhibit a strong color and thus allow photometric detection 
at 551 nm.196  
The DPD reagent was prepared by dissolving 0.1 g of DPD (Sigma-Aldrich, 97%) in 10 
mL of 0.1 N H2SO4. The POD reagent was prepared by dissolving 0.33 mg POD (Sigma-Aldrich, 
grade I) in 10 mL ultrapure water. For photometric measurement, 50 L of DPD reagent was added 
to 10 mL of reacting sample, quickly followed by the addition of 50 L freshly prepared POD 
reagent. The blank was prepared using the same procedure but without POD. 
 The absorption values were measured by UV-vis spectroscopy from 400–700 nm. Figure 
3-S5 shows the absorption spectra of samples after 4 and 12 hr of reaction. The spectra showed 
patterns consistent with those of standard H2O2 solutions reported in the literature, with strong 
absorption peaks observed at 551 nm. Therefore, we confirmed that H2O2 was present as a 
byproduct of the reaction in the Mn-apoferritin system. More quantitative analyses of the H2O2 




Figure 3-S5. Absorbance spectra of DPD treated samples prepared at pH 9.0 and with Mn(II)/apoferritin ratio of 
3000:1 after 4 and 8 hr of reaction.  
  






















3-S6. Particle size profiles for samples prepared without apoferritin at different pH 
conditions and with varied Mn2+ concentrations  
In samples prepared without apoferritin, only large particle formation was observed, 
indicating that only homogeneous nucleation took place.  
 
Figure 3-S6. DLS particle size profiles for samples prepared without apoferritin at varied experimental conditions 
(pH from 8.9 to 9.1, and Mn2+ concentrations from 200 to 400 M).   
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3-S7. Evaluation of fitting results 
To evaluate the goodness of the fitting, we calculated the R square under varied values of 
a (1.8–2.2) and b (3.8–4.2) in equation (3.1). As shown in Table 3-S3, the results obtained in our 
model (a = 2 and b = 4) give an R square closest to 1 (0.9953), suggesting that these are the best 
fit values among these tested.  Negative values of R square appear because of the non-linear nature 
of the function. As seen from the significant deviation in R square values, the model is highly 
sensitive to subtle changes in a and b values, further supporting our fitting results and proposed 
mechanism. Because Mn(OH)2 (aq) is one of the possible aqueous species that can make the 
oxidation of Mn2+(aq) to Mn(III), a = 1 and b = 2 in equation (3.1) was tested along with the cases 
of  a (0.8–1.2) and b (1.8–2.2). The results showed poor fittings and R square values (Figure 3-S7 
and Table 3-S4). Thus, we crossed out the possibility of a = 1 and b = 2. 
b
1.8 1.9 2.0 2.1 2.2
a
0.8 -0.5944 -0.4212 -0.2163 0.0184 0.2740
0.9 -0.1380 0.1044 0.3611 0.6024 0.7685
1.0 0.4428 0.6618 0.7721 0.6354 0.0061
A B
 
Figure 3-S7. Poor fitting results of a = 1 and b = 2 which correspond to Mn(OH)2 (aq) for the oxidation of Mn2+(aq) 












MnO 47.5 Ilton et al. (2016)107 
MnO 48.0 Cerrato et. al. (2010)202 
MnO 48.3 Oku and Hirokawa (1975)203 
MnO 48.1 this work 
Mn(III) 
Mn2O3 48.4 Cerrato et. al. (2010)
202 
Mn2O3 49.0 Oku and Hirokawa (1975)
203 
γ-MnOOH 48.8 Ilton et al. (2016)107 
γ-MnOOH 48.6 this work 
Mn(II/III) 
Mn3O4 48.4 Cerrato et. al. (2010)
202 





Table 3-S2. Saturation indices (log10 IAP/Ksp) under varied Mn and pH conditions.  
 pH 8.9 pH 9.0 pH 9.1 
200 µM Mn
2+
 (aq) -1.24 -1.04 -0.84 
250 µM Mn
2+
 (aq) -1.14 -0.94 -0.74 
300 µM Mn
2+
 (aq) -1.06 -0.86 -0.66 
350 µM Mn
2+
 (aq) -0.99 -0.79 -0.59 
400 µM Mn
2+
 (aq) -0.94 -0.74 -0.54 
 




3.8 3.9 4.0 4.1 4.2
a
1.8 -0.5231 -0.3301 -0.1017 0.1600 0.4435
1.9 -0.0142 0.2568 0.5428 0.8078 0.9796
2.0 0.6395 0.8827 0.9953 0.8106 0.0305
2.1 0.9722 0.6222 -0.4715 -2.9382 -7.8580
2.2 -1.1556 -4.3303 -10.488 -21.828 -42.051
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Table 3-S4. R square values calculated for equation (3.1) with varied values of a (0.8–1.2) and b (1.8–2.2).  
 
b 
1.8 1.9 2.0 2.1 2.2 
a 
0.8  -0.5944  -0.4212 -0.2163  0.0184  0.2740 
0.9 -0.1380  0.1044 0.3611 0.6024 0.7685 
1.0 0.4428 0.6618 0.7721 0.6354 0.0061 
1.1 0.7288 0.4367 -0.4790 -2.5361 -6.6160 













Reprinted with permission from [Jung, H.; Chadha, T.; Kim, D.; Biswas, P.; Jun, Y.-S., 
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Chapter 4: Photochemically-assisted Fast Abiotic Oxidation of Manganese and 
Formation of Mn(IV) oxides in Nitrate Solution  
Portions of this chapter have been published in Chemical Communications, 2017, 53, 4445–4448, 
and in ACS Sustainable Chemistry & Engineering, DOI: 10.1021/acssuschemeng.7b02606, 2017. 
Other results will also be submitted to high impact journals in 2017. 
 
4.1 Overview 
Microbial processes have been thought to account for the formation of most Mn(III/IV) 
oxides in aqueous systems because of their fast oxidation kinetics in oxidizing Mn2+ (aq) to 
Mn(IV). While abiotic processes are equally ubiquitous in nature, abiotic processes have not thus 
far been considered as a fast route for formation of Mn(IV) oxides in environmental systems. In 
the prior chapters, we showed the formation of Mn(II) and Mn(III) (hydr)oxide under the 
heterogeneous nucleation and protein-mediated biomineralization, respectively. However, in both 
the abiotic and biotic systems, we did not observe the formation of Mn(IV) oxides which are the 
most dominant oxidation state of natural Mn (hydr)oxide. Here, we report photochemically-
assisted fast abiotic oxidation of Mn2+ (aq) to Mn(IV) in nitrate solution. We further found that δ-
MnO2 nanosheets were formed by exposure to sunlight. The suppressed formation of δ-MnO2 
nanosheets in superoxide dismutase suggests that the superoxide radical generated from nitrate 
photolysis is responsible for this fast Mn oxidation.  
Moreover, using photochemically-assisted fast oxidation of Mn2+ (aq) by the reaction with 
superoxide, generated from nitrate photolysis, we examined the role of pyrophosphate (PP) in 
formation of disordered δ-MnO2 nanosheets and changes in their stacking and structures. Mn(III)-
PP is of emerging interest in understanding Mn redox cycling and phosphorus cycling in catalysis 
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and environmental systems. Curiously, however, further oxidation of Mn(III)-PP and consequent 
formation of a MnO2 solid phase have not been considered until now. In this chapter, we found 
that with increasing PP concentrations from 0.3 to 2 mM, δ-MnO2 nanosheets showed better 
stacking (thicker) layers and an alteration from hexagonal to orthogonal structure (more Mn(III) 
in layers). We found that the amount of Mn(III)-PP complex and the formation rate of δ-MnO2 
nanosheets under the different PP concentrations affected both their layer structures and stacking 
behaviors.  
We also demonstrated that the fast heterogeneous nucleation of Mn(IV) oxide from Mn2+ 
(aq) occurs on a quartz surface, and is aggregated in three stages: (i) an amorphous film on quartz, 
(ii) nanoparticle islands on the amorphous film, and (iii) nanorods on the nanoparticle islands. 
Interestingly, instead of the formation of layered birnessite as observed in homogeneously 
nucleated Mn(IV) oxide, the heterogeneously nucleated nanoparticle islands clearly showed a 1 × 
2 tunneled structure of Mn(IV) oxide (ramsdelllite). This chapter introduces a new and previously 
unconsidered fast abiotic formation route for Mn(IV) oxides, and the findings unlock 
photochemically-assisted inorganic pathways for the formation of Mn oxides in natural systems. 
4.2 Introduction 
 Manganese is ubiquitous in environmental settings ranging from oceans to soils, and its 
multiple oxidation states make it highly redox active. Thus, the redox processes of Mn can affect 
the fate of micronutrients and heavy metals in environmental systems.25, 71 Mn2+ (aq) oxidation has 
an estimated half-life of 200 to 300 days in abiotic systems,32 and studies have reported the abiotic 
inorganic oxidation from Mn2+ (aq) to Mn(III) only.24 Direct, fast abiotic inorganic oxidation of 
Mn2+ (aq) to Mn(IV) without microorganisms has not been reported previously.1 On the other 
hand, bacteria-mediated Mn oxidation is believed to be the biggest contributor to Mn oxidation in 
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natural systems because fast Mn oxidation and the formation of Mn(IV)O2 can occur in the 
presence of microorganisms.34, 37-38, 204 Consequently, an abiotic inorganic process has not been 
considered as a prominent oxidation pathway to Mn(IV). 
Furthermore, while photochemical processes are important for triggering redox reactions 
in the cycling among aqueous Mn2+ and solid phases of Mn(III) and Mn(IV) in surface water 
environments,45-47 most previous studies have focused on the role of light in the reduction of 
MnO2.
46-47, 80, 205-207 In addition to photoreduction, photochemically-induced oxidation can also 
affect the fate and transport of Mn oxide nanoparticles, and photo-catalytic reaction of water 
oxidation. Interestingly, however, only limited studies have considered photo-oxidation of Mn in 
aqueous solution. Moreover, these limited studies have also focused only on photo-oxidation using 
microbes or organic materials,37, 48  rather than environmentally abundant inorganic anions, such 
as nitrate.  
Among the oxidation states, Mn(II) commonly exists as an aqueous form of Mn complexes 
if a system is not supersaturated with MnCO3 (s) and Mn(OH)2 (s), while Mn(III) and Mn(IV) 
mostly occur as mineral forms.24 Although Mn(III) exists mainly as Mn (hydr)oxide particulates 
in environmental systems, soluble Mn(III) also occurs via complexation with organic or inorganic 
ligands, such as siderophore desferrioxamine B (DFOB) and pyrophosphate (PP).13, 27-28 Recent 
studies revealed that the soluble Mn(III) complex is the major aqueous Mn species in porewater 
and sub-oxic water.25-26 Both the abundance of soluble Mn(III) and its variable redox reactivity 
under varied ligand complexes illuminate the importance of understanding soluble Mn(III) in 
environmental and engineered systems.13, 27-28 However, to the best of our knowledge, there is no 
systematic investigation to study the role of a ligand in the oxidation of soluble Mn(III), which is 
a complexed form with the ligand, and the consequent formation of Mn(IV) oxide, specifically 
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disordered birnessite (δ-MnO2) nanosheets, which are one of the most abundant Mn (hydr)oxide 
forms in nature.1, 208 
 Disordered (turbostratic) δ-MnO2 is often of interest for its redox reactions and 2D layer 
structure in environmental systems and also in engineering applications, such as photochemical 
water oxidation and Li-ion batteries.209-210 Inspired by the Mn4CaOx cluster of photosystem II, 
photochemical water oxidation tests using disordered δ-MnO2 nanosheets showed a high catalytic 
reactivity.45 Also, previous studies reported the crucial role of Mn(III) as a precursor in the δ-
MnO2 nanosheets for water oxidation.
209, 211 Based on their structures, such as vacant sites and 
interlayer Mn(III) or Mn(II), δ-MnO2 nanosheets can have variable oxidation states of Mn between 
~3.5+ and ~4+.212-213 While the mixed valences and structural diversities of disordered δ-MnO2 
nanosheets make them useful in catalysis and environmental systems, to date, there are no studies 
on altering their oxidation state and structure with environmentally benign chemicals under 
ambient conditions (without applying any external heat and pressure), the principle of green 
chemistry. Also, in natural systems, neither the biotic and abiotic processes of Mn oxidation nor 
the formation of disordered δ-MnO2 nanosheets could explain fully how disordered δ-MnO2 
nanosheets have variable oxidation states in environmental systems.  
While there has been great progress in understanding the chemical and biological 
mechanisms of Mn oxidation, the mechanism of mineralization to Mn(IV) oxide particulates is 
still elusive. Moreover, through homogeneous oxidation and the consequent formation of Mn(IV) 
oxide, among the various polymorphs of natural Mn(IV) oxides, only layered birnessite nanosheets 
formed in aqueous solutions, as a result of homogeneous nucleation and growth.34, 71-73  
In nature, abundant foreign minerals (e.g., quartz) can provide templates for nucleation, 
i.e., heterogeneous nucleation.61-62 Recent works have shown that template-directed nucleation 
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affects the structures and morphologies of natural minerals, such as CaCO3 through the 
arrangement of prenucleation clusters and oriented aggregation.64-65 Interestingly, Mn(IV) oxides 
are ubiquitous coatings on rock surfaces, occurring in various polymorphs.1, 72 However, there is 
no any systematic study showing the heterogeneous nucleation and growth of Mn(IV) oxide. Due 
to the kinetically-limited oxidation in dark abiotic systems, previous studies observed only the 
heterogeneous nucleation of Mn(II) and Mn(III) (hydr)oxides from the nucleation of Mn2+(aq), 
even after 1 month reaction at neutral pH conditions.31, 61-62, 69 To study the heterogeneous 
nucleation and growth of Mn(IV) oxides requires an environmentally-relevant experimental 
system, such as a photochemical process or microorganism. 
Here, we report, for the first time, the photochemically-assisted oxidation of Mn2+ (aq) in 
the presence of nitrate without microorganisms or organic matter. Nitrate is ubiquitous in natural 
environments, including atmospheric and aqueous systems.214-215 We showed how the naturally 
abundant anion, nitrate, can oxidize Mn2+ (aq) to Mn(IV), at a rate comparable to that of biotic 
processes, and generate δ-MnO2 nanosheets. Based on the understanding about the 
photochemically-assisted formation of disordered δ-MnO2 nanosheets, we also demonstrated the 
roles of PP concentrations in changing stacking behavior and the amount of Mn(III). With 
increasing PP concentrations between 0.3 and 2 mM, we found better (thicker) stacking behavior 
of disordered δ-MnO2 nanosheets and their structural alteration from hexagonal to orthogonal δ-
MnO2 (more Mn(III) and less vacancy in layers than those in hexagonal δ-MnO2). This study, for 
the first time, reported how PP can affect the formation of disordered δ-MnO2 nanosheets, and the 
crucial role of a photochemically-assisted abiotic process for Mn oxidation and consequent 
formation of disordered δ-MnO2 in nitrate solution. Lastly, we revealed the fast oxidation of Mn2+ 
(aq) to Mn(IV), and consequent heterogeneous nucleation and oriented aggregation to amorphous 
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film, nanoparticle islands, and nanorods of Mn(IV) oxide on quartz surfaces. The findings 
illuminate an undiscovered mechanism for the environmental occurrence of Mn(IV) oxides, the 
photochemical oxidation and formation of soluble Mn(III) to Mn(IV) oxide in environmental 
systems.  
4.3 Materials and Methods  
4.3.1 Solution preparation for the study of Mn oxidation in nitrate solution under the light 
exposure. Experiments were conducted at room temperature with 100 μM Mn(NO3)2 (Alfa Aesar) 
for up to 6 hrs. To mimic an environmentally relevant pH condition, the initial pH was adjusted to 
8.9 ± 0.1 using 0.01 M NaOH (J. T. Baker), and 1 mM NaNO3 (14 ppm (NO3
-–N); J. T. Baker) 
was added as the source of nitrate. The nitrate concentration is environmentally relevant based on 
the U.S. EPA drinking water limit of 0.714 mM (10 ppm (NO3
-–N)). To avoid any effect from a 
buffering chemical, we did not use any buffer solution in this study. Thus, pH decreased from 8.9 
to 5.3 over 6 hrs (Figure 4-S1). To test the effect of pH on the oxidation and formation of Mn 
oxides, additional experiments were conducted with initial pH 5.8 (Figure 4-S2). Because we took 
samples before Mn oxide aggregation occurred (after 6 hrs, we found that aggregation did occur), 
we did not conduct experiments for longer than 6 hrs. A 450 W Xe-arc lamp (Oriel) was used as a 
reliable, controllable light source for the systematic study. The light passed through a 10 cm long 
IR water filter. The reactor was cylindrical, with a vertical quartz window facing the light source. 
The reaction solutions were mixed with a magnetic stirrer. Outdoor natural sunlight exposure tests 
were also conducted, using opened test tubes placed on the balcony of Whitaker Hall at 
Washington University (St. Louis, MO, USA, 38.9 °N latitude). The reaction was conducted 
between 10:30 am and 3:30 pm on July 24th, 2015, in a temperature range from 30 °C to 33 °C. To 
analyze the mechanism of manganese oxidation, 0.1 M tert-BuOH (Sigma Aldrich) and 0.5 μM 
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superoxide dismutase (SOD) (Sigma Aldrich) were used to scavenge hydroxyl radicals and 
superoxide radicals, respectively. To examine the one-electron transfer mechanism, we used 0.5 
mM pyrophosphate (Na4P2O7, referred as PP) (Sigma Aldrich). The concentration of δ-MnO2 was 
quantified using 0.004 % (w/v) leucoberbelin blue (referred as LBB) (Sigma Aldrich). For 
leucoberbelin blue (LBB) analyses, we used 79% Mn(IV) (2.5 conversion factor) and 21% Mn(III) 
(5.0 conversion factor) based on our oxidation state value of 3.79+, derived from XPS.34, 38, 216 We 
used a 1:5 ratio of reacted solution (0.3 ml) and LBB solution (1.5 ml). Therefore, for the 
background we also used a 1:5 ratio of DI water and LBB.  
4.3.2 Solution preparation to study the role of PP for the formation of disordered δ-MnO2 
nanosheets. All samples were prepared with 100 μM Mn(NO3)2 (Alfa Aesar) at the end of 6 hr 
reaction at room temperature. The PP concentrations of 0.3, 0.5, 1, and 2 mM, were prepared using 
Na4P2O7, referred to as PP (Sigma Aldrich). Initial pHs at 0.3, 0.5, 1, and 2 mM were 9.62 ± 0.13, 
9.84 ± 0.23, 9.88 ± 0.25, and 9.95 ± 0.11, respectively (Figure 4-S3). As a nitrate source to oxidize 
Mn2+ (aq) to Mn(IV) via photochemical reaction, 1 mM NaNO3 was added. A 450 W Xe-arc lamp 
(Oriel) was used as a reliable, controllable light source for the systematic study. The light passed 
through a 10 cm long IR water filter. The reactor was cylindrical, with a vertical quartz window 
facing the light source. Chemical compositions of the synthesized δ-MnO2 nanosheets under the 
various PP conditions are in Table 4-S1. 
4.3.3 Solution preparation and flow-through experimental setup to study the heterogeneous 
nucleation of Mn oxide under light exposure. An experimental solution was prepared with 100 
μM Mn(NO3)2 (Alfa Aesar) and 1 mM NaNO3 in DI water, aerated for one day to achieve 
saturation of dissolved oxygen. We also tested different concentrations of nitrate (0.1 and 10 mM) 
and Mn2+ (aq) (10 µM) to confirm that the observed heterogeneous nucleation and oriented 
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aggregation could be validated in various environmental systems. The pH of fully aerated solution 
was 5.8 ± 0.1 without any addition of buffer chemicals. A 450 W Xe-arc lamp (Oriel) was used as 
a reliable, controllable light source for the systematic study. The light passed through a 10 cm long 
IR water filter. To provide atomically flat surface systems, synthetically grown 0.5 mm thick 
quartz (10 1 0) (Figure 4-S4, MTI Corp., Richmond, CA) surfaces were used as substrates for 
heterogeneous nucleation of Mn (hydr)oxides. Quartz is abundant in the environment, and the (10
1 0) surface is a common crystal face of natural quartz. These quartz substrates were cut to 0.5 cm 
× 0.5 cm to fit into batch reactors, and cleaned as described below. The cleaned y-cut quartz 
substrates were placed at the walls of a quartz reactor cube (1.25 × 1.25 × 4.50 cm3). The light 
source faced the transparent quartz reactor. The prepared solution was flowed through the reactor 
continuously by peristaltic pump (2 ml/min). The pH changes between inlet and outlet were less 
than 0.1. Thus, our system was operated at consistent pH. Experiments were conducted at room 
temperature for up to 24 hrs with stirring. During the reaction, we took out the reacted quartz 
substrate at several elapsed times for measurement by atomic force microscopy (AFM), grazing 
incidence wide angle X-ray scattering (GIWAXS), and X-ray photoelectron spectroscopy (XPS). 
4.3.4 Investigation of the mechanism of fast Mn oxidation and electron transfer. To test the 
roles of specific ROS on manganese oxidation, we used ROS scavengers and analyzed the 
subsequent MnO2 formation colorimetrically with UV-Vis. Leucoberbelin blue (LBB) (λ = 625 
nm, ɛ = 180,000 M-1) reduces manganese, which has a higher oxidation state than Mn2+.34 The 
oxidized LBB in turn displays a blue color, whose intensity is proportional to the concentration of 
oxidized Mn created by sunlight exposure. Also, to elucidate the electron transfer mechanism, 
pyrophosphate (PP), which complexes with Mn(III), was used. The concentration of the Mn(III)-
PP complex was analyzed at 258 nm using UV-Vis. 
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4.3.5 Solid Phase Characterization for the homogeneously nucleated disordered δ-MnO2 
nanosheets. All samples were prepared after the formed particles were washed and centrifuged at 
5000 rpm three times. For characterization, we used high-resolution X-ray diffraction, (HRXRD, 
Bruker D8 ADVANCE X-ray diffractometer with Cu-K radiation (λ = 1.5418 Å )) and X-ray 
absorption spectroscopy (XAS). XPS (PHI 5000 VersaProbe II, Ulvac-PHI with monochromatic 
Al Kα radiation (1486.6 eV)) was used to identify the oxidation state of the formed Mn oxide. The 
C 1s peak (284.8 eV) was taken as the energy reference. We analyzed the shift of the Mn 2p3/2 spin 
orbit, the energy gap between Mn 2p1/2 and the satellite, and the Mn 3s multiplet splitting.  
For XAS, the Mn K-edge was measured in transmission mode on beamline 13-BM-D at 
the Advanced Photon Source at Argonne National Laboratory. A Si(111) monochromator, giving 
a focused beam size of 10 m by 30 m and a resolution of 1  10-4 E/E, was used to create 
monochromatic X-rays. The energy flux was 1  109 at 10 keV, and the energy range for this 
station was 4.5–70 keV. Energy calibration was monitored by using the pre-edge feature of Mn 
metal foil (6539.0 eV). We used MnO, Mn2O3, and δ-MnO2 provided by beamline 13-BM-D, as 
the references of Mn(II), Mn(III), and Mn(IV), respectively. In addition, to provide hk bands and 
the position of Mn(III) in high resolution, synchrotron-based wide angle X-ray diffraction 
(WAXD) of the formed particles was performed with an energy of 58.650 keV (λ = 0.2114 Å ) on 
beamline 11-ID-B at the Advanced Photon Source at Argonne National Laboratory. The sample 
was exposed for 1 s and the measurement was repeated 180 times. The Kapton background data 
was also obtained with the same beam exposure time for background subtraction. 1D intensity as 
a function of d-spacing was obtained by converting the 2D image using Fit2D.217  
Small angle X-ray scattering (SAXS) was measured on beamlines 12 ID-B at the Advanced 
Photon Source at Argonne National Laboratory, IL. A focused X-ray beam with an energy of 14 
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keV was exposed through samples sealed between Kapton tape layers. We used a 2 m sample-to-
detector distance (0.0085 Å -1 < q < 0.400 Å -1). The beam exposure time was set to 10 s for each 
measurement. A 2D background image of Kapton tape scattering was measured without particles 
for background subtraction. The samples were loaded on the beamline stage, SAXS images were 
obtained. The 1D intensities (I) averaged from 2D sample scattering data were subtracted from the 
averaged background intensities, then plotted as a function of the scattering vector, q, and analyzed 
by MATLAB®  based software developed at beamline 12 ID-B.218  
An high resolution transmission electron microscope (HRTEM, JEOL 2100F) with a 200 
kV accelerating voltage revealed the thickness of the formed Mn oxide. The diluted samples of 
Mn oxide were placed on a lacey carbon support Cu grid (Ted Pella Inc.). A scanning electron 
microscope (SEM, FEI Nova NanoSEM 2300) visualized the layered morphology of the formed 
Mn oxide at a 10kV accelerating voltage. Substrates were coated with Au to increase the 
conductivity. The working distance was 5−6 mm.  
The amount of intercalated Na+ was measured using inductively coupled plasma-mass 
spectrometer (ICP-MS, Perkin Elmer ELAN DRC II). After the end of the reaction time, to fully 
remove salt in the solutions, the solutions were centrifuged six times at 5000 rpm. After each 
centrifugation, the supernatant was pipetted off and discarded, and the precipitate was re-
suspended in DI water. The salt-removed samples were dissolved in 10 mM ascorbic acid (Sigma 
Aldrich), and acidified using 5 ml of 2 % HNO3 before ICP-MS measurements. NO2
- 
concentrations were measured by a Dionex ICS-1600 (Dionex IonPac As22 (4 × 250 mm) 
column). Water amounts were measured by a thermo gravimetric analyzer (TGA, TA Instruments 
Q5000 IR). We measured the loss of water below 200 °C. The surface area and pore size of 
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particles were measured by a NOVA 2200e analyzer (Quantachrome Inc.) after degassing the 
particles at 110 °C for 24 hrs under vacuum. 
4.3.6 Solid Phase Characterization for the heterogeneously nucleated Mn oxide on quartz. 
The reacted quartz substrate at each elapsed time were washed with DI water, and dried with high 
purity N2 gas. AFM tapping mode in air (AFM, Nanoscope V multimode SPM, Veeco Inc.) was 
used to visualize the nucleation and oriented aggregation of Mn(IV) oxide on quartz right after the 
cleaning. AFM probe tips were made of 0.01–0.025Ω·cm antimony (n) doped Si (Model: RTESP, 
MPP-11100-10, Bruker). Cantilevers were 125 m long and 35 m wide. Nominal tip radius was 
8 nm. AFM images were analyzed using Nanoscope 7.20 software provided by Veeco.  
X-ray photoelectron spectroscopy (XPS, PHI 5000 VersaProbe II, Ulvac-PHI with 
monochromatic Al Kα radiation (1486.6 eV)) was used to identify the oxidation state of the formed 
Mn oxide. The C 1s peak (284.8 eV) was taken as the energy reference. The Mn 3p spin orbit was 
used because it provides more accurate information than the Mn 2p that has less  sensitivity to the 
bonding environment of the mineral.107 Likewise, because the intensity of Mn 3s spin orbit was 
too weak to get information about multiplet splitting, we used only Mn 3p spin orbit. To determine 
the oxidation states of Mn, peak positions given by the asymmetrical Gaussian−Lorentzian curve-
fitting for the experimental samples were compared to the reference peak values (Table 4-S2). 
From this analysis, the peak positions of experimental samples were compared to those of 
reference samples of Mn(II) (MnO, Sigma Aldrich), Mn(III) (γ-MnOOH, originating from the 
Atikokan area, Ontario, Canada (Mineralogical Research Co.)), and Mn(IV) (β-MnO2, Sigma 
Aldrich).  
For XAS, the Mn K-edge was measured in transmission mode on beamline 13-BM-D at 
the Advanced Photon Source at Argonne National Laboratory. A Si(111) monochromator, giving 
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a focused beam size of 10 m by 30 m and a resolution of 1  10-4 E/E, was used to create 
monochromatic X-rays. The energy flux was 1  109 at 10 keV, and the energy range for this 
station was 4.5–70 keV. Energy calibration was monitored by using the pre-edge feature of Mn 
metal foil (6539.0 eV). We used MnO, Mn2O3, and ramsdellite provided by beamline 13 BM-D, 
as the references of Mn(II), Mn(III), and Mn(IV), respectively. The analysis of oxidation state of 
Mn oxide was conducted by using Athena.  
GIWAXS measurements were conducted at beamline 12 ID-B of the Advanced Photon 
Source (APS), Argonne National Laboratory, IL. A sample quartz substrate was aligned with the 
middle of the X-ray beam path at a 0.11° incidence angle, which is slightly lower than the critical 
angle of quartz substrate for total reflection of scattering.  A focused X-ray beam with an energy 
of 13.3 keV was exposed on the quartz substrate. We used a 2 m sample-to-detector distance. The 
beam exposure time was set to 5 s for each measurement. The measured 2D images were reduced 
to an averaged 1D, as a function of the scattering vector, q.   
A high-resolution transmission electron microscope (HRTEM, JEOL 2100F) with a 200 
kV accelerating voltage revealed the morphology and structures of the heterogeneously nucleated 
Mn(IV) oxide. The samples of Mn(IV) oxide were detached by scratching the substrate with a 




4.4 Results and discussion 
4.4.1 Photochemically-assisted Fast Abiotic Oxidation of Manganese and Formation of δ–
MnO2 Nanosheets in Nitrate Solution 
Fast δ–Mn(IV)O2 nanosheet formation from Mn2+ (aq). The first set of experiments was 
conducted with 1 mM of nitrate and 100 μM of Mn2+ (aq), at an initial pH of 8.9. We irradiated 
the solution by natural sunlight, and found that nanosheets of Mn (hydr)oxide formed and Mn2+ 
(aq) oxidized to the Mn(IV) (s) state within 5 hrs, phenomena which have not been reported before 
in abiotic conditions (Figure 4-S5).  
 
Figure 4.1. Layered morphology of the formed δ-MnO2 nanosheets. (A) Layer thickness of the formed δ-MnO2, 
measured by high-resolution X-ray diffraction (HRXRD) after 6 hr reaction. (B) Layered morphology of the formed 
δ-MnO2. (C, D) High resolution images of the synthesized δ-MnO2 nanosheets. The smaller layer thickness observed 
in high-resolution transmission electron microscope (HRTEM) than that in HRXRD results from the evaporation of 
intercalated water.  
 











































To further explore the structural properties and oxidation mechanism of the particles 
formed in natural sunlight and to systematically control the experimental conditions, we used a 
450 W Xe lamp to illuminate solution samples for up to 6 hrs. Analyses of crystal structure and 
morphology indicated that the particles formed under Xe lamp exposure were randomly-stacked 
layered birnessite nanosheets (δ-MnO2, which can be considered as hexagonal birnessite based on 
the identical structures of hexagonal birnessite and δ-MnO2)212. 
 
Figure 4.2. Phase identification and oxidation state of the formed δ-MnO2 nanosheets, using X-ray spectra. (A) Mn 
2p X-ray photoelectron spectroscopy (XPS) spectra indicating the oxidation state of Mn(IV) based on the energy gap 
between Mn 2p1/2 and the satellite peak, and the peak position of Mn 2p3/2. (B) Mn 3s XPS spectra supporting the 
Mn(IV) oxidation state of the formed δ-MnO2 nanosheets. (C, D) Similar X-ray absorption near edge structure 
(XANES) and k3-weighted extended X-ray absorption fine structure (EXAFS) spectra (where k is the photoelectron 
wavenumber), along with a δ-MnO2 reference provided by the Advanced Photon Source (APS) GeoSoilEnviroCars 
sector 13. 
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Figure 4.1A, a high resolution X-ray diffraction pattern (HRXRD), shows obvious XRD 
peaks at 2-thetas of 12.2 °, 24.5 °, 37 °, and 66 °, reflecting planes of δ-MnO2 (JCPDS no. 42-
1317). The (001) reflection plane indicates that the layer thickness is about 0.72 nm. Scanning 
electron microscopy (SEM) and high-resolution transmission electron microscopy (HRTEM) 
images (Figure 4.1B–D) show a sheet-like morphology with a nano-scale thickness of layered 
birnessite. TEM images revealed that the total thickness of the nanosheet stacks was 3–5 nm, and 
each layer’s thickness was 0.57 nm. The difference in thickness between the XRD and TEM 
measurements results from the shrinkage of nanosheets by evaporation of water inside the δ-MnO2 
structure in the high vacuum of the TEM sample chamber (< 10-5 Pa).219  
X-ray photoelectron spectroscopy (XPS) and X-ray absorption spectroscopy (XAS) 
provided the oxidation state and phase identity of the synthesized birnessite. The difference 
between Mn2p1/2 and the satellite peak (ΔE2p1/2, Figure 4.2A) was 11.8 eV, and the magnitude of 
Mn3s multiplet splitting (ΔE3s, Figure 4.2B) was 4.6 eV. As shown in Figure 4.2C, Mn K-edge 
X-ray absorption near-edge spectroscopy (XANES) also confirmed that the position and shape of 
the absorbance maxima at 6,562 eV best matched that of δ-MnO2.220 This XPS and XANES 
spectrum information indicates that the Mn(IV) is the dominant oxidation state of the particles.140, 
220 In particular, the XPS spectra of Mn 3s and O 1s show that the oxidation state of the synthesized 
δ-MnO2 is 3.79+ (Figure 4.2B and Figure 4-S6).221 Mn K-edge X-ray absorption fine structure 
spectroscopy (EXAFS) also showed a structure similar to δ-MnO2. Specifically, the single 
antinode at 8.0 Å corresponds to δ-MnO2 (Figure 4.2D).208 The hexagonal symmetry of δ-MnO2 
is also clearly shown in synchrotron-based X-ray diffraction data (Figure 4-S7). 
The structure of δ-MnO2 includes interlayer water and cations, which contribute to the 
electron balance between layers.47 Thermogravimetric analysis (TGA) indicated an approximate 
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10 wt% decrease by water evaporation at around 200°C (Figure 4-S8A). Because our experimental 
system also had a source of Na+ in solution, Na+ intercalated δ-MnO2 was expected. Intriguingly, 
XPS, energy dispersive spectrometry (EDS), and inductively coupled plasma mass spectroscopy 
(ICP-MS) measurements could not detect Na+ in the formed particles (Figure 4-S8B and 4-S8C, 
and Table 4-S3). Therefore, H3O
+ is most probably the species intercalated between layers. Thus, 
we conclude that the formed δ-MnO2 is best described as H+-MnO2 · 0.6 H2O, which is very active 
in ion-exchange reactions of cations, such as Li+, Mg2+, Na+, K+, or organic ammonium ions. This 
finding suggests promising applications, such producing δ-MnO2 nanosheets for use in Li-ion 
batteries, through selective ion-exchange.222 The nitrogen adsorption/desorption isotherms 
determined a surface area of 61 m2/g and a pore size of 1.8 nm for the δ-MnO2 nanosheets (Figure 
4-S9). 
 
Figure 4.3. Kinetics of photochemically-assisted Mn oxidation and electron transfer using in situ kinetics. (A) 
Formation of δ-MnO2 nanosheets over time, and its suppression in the superoxide dismutase (SOD) condition. (B) 
Increase of nitrite concentration generated from nitrate photo-excitation. The error bars were obtained from triplicate 
tests. 
 
A novel two-step abiotic Mn2+ oxidation pathway by nitrate photolysis. To explain the 
unexpectedly fast Mn oxidation, we hypothesized that reactive oxygen species (ROS) are 
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generated from nitrate photo-excitation and that the photochemically-assisted reaction occurs via 
multiple electron transfers from Mn2+ (aq) to Mn(IV) (s) under light exposure. To confirm the 
wavelength responsible for the reaction, a UV filter was installed on the light source to block the 
UV spectrum (λ < 400 nm). UV-Vis spectra showed no absorbance change during 4 hr reaction 
with the UV filter in place (Figure 4-S10). This finding indicates that the UV spectrum was 
responsible for nitrate photo-excitation, which occurs around 305 nm.223 Then, to identify which 
ROS was responsible for the photochemical reaction, superoxide (O2
•-) and hydroxyl radical (OH•) 
were scavenged by 0.5 μM of superoxide dismutase (SOD) and 0.1 M of tert-butyl alcohol (t-
BuOH), respectively. These two radicals are strong oxidizers in natural systems.224 Kinetic studies 
with the ROS scavengers revealed that the Mn oxidation and the formation of δ-MnO2 resulted 
from superoxide generated by the photo-excitation of nitrate (Figure 4.3A). The formed δ-MnO2 
was quantified using the leucoberbelin blue (LBB) colorimetric method.34 Figure 4.3A, shows 
obviously suppressed formation of δ-MnO2, a result of the reaction with SOD, which indicates that 
superoxide is the biggest contributor to the photochemically-assisted formation of δ-MnO2 in 
nitrate solution. When nitrate photodecomposition occurs, reactions between nitrogen oxide 
radicals (NO2
• and NO•) and nitrate generate nitrite (NO2
-) (Table 4-S4).224 Then, photo-excited 
nitrite (NO2
-*) generates electrons, as in equation (4.1).224  The superoxide is created when 
dissolved oxygen captures the generated electron, as in equation (4.2). 
NO2
-*→ NO2• + eaq-         (4.1) 
eaq
- + O2 → O2•-         (4.2)  
Comparatively faster formation of δ-MnO2 was observed with t-BuOH (Figure 4.3A). The 
nitrite concentration increased even faster than in the reaction solution without scavengers (Figure 
4.3B). The higher concentration of nitrite may generate more superoxide, and accelerate the 
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formation of δ-MnO2. Therefore, we can conclude that the hydroxyl radical is not responsible for 
the photochemically-assisted Mn oxidation. In addition, a higher nitrate concentration, tested for 
complementary comparison, promoted much faster oxidation (Figure 4-S11A and 4-S12). Mn 
oxide formed in 100 mM nitrate exhibited the properties of δ-MnO2 nanosheets and formed about 
two times faster than that in a 1 mM nitrate condition. Because many elemental reactions occur 
simultaneously in photochemically-assisted Mn oxidation, the formation rate may not exactly 
reflect the nitrate increase.   
 
Figure 4.4. Confirmation of Mn(III) intermediate in Mn oxidation from Mn2+ (aq) to Mn(IV) (s). (A) The absorbance 
peak of δ-MnO2 at about 400 nm in samples overlapped the absorption peak of Mn(III)-pyrophosphate, which is at 
258 nm. (B) After filtration by a 0.2 μm syringe filter to remove δ-MnO2 nanosheets, the changes in absorbance over 
time were observed. An increase in absorbance was observed at 2 hrs. After 2 hrs, the absorbance decreased, and 
maintained a similar level. The absorbance at 258 nm for Mn(III)-pyrophosphate complexation indicates the existence 
of Mn(III) intermediate in the reaction. The decrease in absorbance at 258 nm after 2 hrs is explained by the oxidation 
of Mn(III)-pyrophosphate, which becomes δ-MnO2. 
 
By using pyrophosphate (PP), which strongly complexes with only Mn(III) in solution, we 
confirmed that the oxidation of Mn2+ (aq) to Mn(IV) (s) occurs via two steps, each of which 
transfers one electron.34, 47 The occurrence and disappearance of Mn(III)-PP (Figure 4.4B) 
indicated the oxidation of Mn2+ (aq) to Mn(III), and of Mn(III) to Mn(IV). In the presence of PP, 
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to clearly show that a soluble Mn(III)-PP complex formed, we filtered out δ-MnO2 nanosheets 
with a 0.2 μm syringe filter before Mn(III)-PP complexation in solution was detected by UV-Vis 
spectrometry (Figure 4.4B). The absorption intensities of Mn(III)-PP increased over the first 2 hrs, 
then, decreased (Figure 4.4B). Also, we found that a very large increase in δ-MnO2 formation 
occurred between 2 hrs and 4 hrs (Figure 4.4A). The concurrent increase of δ-MnO2 and decrease 
in Mn(III)-PP concentration suggest that when the oxidation of Mn(III)-PP occurs, it promotes the 
formation of δ-MnO2. This finding indicates that Mn(III) can occur as an intermediate state 
between Mn2+ (aq) and Mn(IV) (s) during the light exposure, and quickly transform to Mn(IV) (s). 
Thus, we suggest that photochemically-assisted Mn2+ (aq) oxidation in nitrate solution occurs via 
two steps, each of which transfers one electron in the reaction between manganese and superoxide.  
After 6 hr of reaction, around 13 μM of δ-MnO2 had been produced, based on the LBB colorimetric 
method (Figure 4.3A). Strikingly, although a direct comparison is somewhat limited due to the 
different experimental conditions, it is clear that the abiotic formation rate of δ-MnO2 is 
comparable to the formation rate of MnO2 in microbial processes reported in previous studies.
34, 
37-38, 204 Up to now, these microbially-mediated processes have been considered as the dominant 
driver of fast Mn oxidation in natural aqueous systems.  For example, recent works using 
Roseobacter-like bacteria and α-proteobacteria showed that the bacteria oxidized around 
0.6 μM/hr of Mn2+ (aq) (Figure 4-S13).34, 37-38, 204 The concentration of δ-MnO2 formed in natural 
sunlight in our study was about four times lower than that under Xe lamp illumination (Figure 4-
S13), but surprisingly the concentration was still comparable to that achieved by bacterial 
oxidation (Figure 4-S13). Thus, this study presents a novel pathway for the abiotic formation of 
Mn(IV) oxide within hrs. 
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Our findings on photochemically-assisted fast manganese oxidation in nitrate solution 
provide a new paradigm for understanding the environmental cycle of manganese oxidation not 
only in aqueous systems, but also in atmospheric systems. Aqueous particles and drops, such as 
haze and clouds, contain about 0.01 to 100 μM of Mn2+ (aq),214  and there are atmospheric NOx 
species in concentrations between 10 and 1000 ppbv in urban and suburban areas receiving UV 
light.214 Thus, similar photochemically-assisted reactions can occur in the atmosphere and affect 
cloud condensation nuclei formation, albedo, and aerosol processes. The same approach can be 
utilized as a new and environmentally-friendly way to synthesize δ-MnO2 nanomaterials, which 
have promising applications in supercapacitors and Li-ion battery.225 Further, as a possible self-
healing pathway for the reduced δ-MnO2 in photochemical water-oxidation,45 it utilizes the most 
abundant renewable energy source, sunlight.    
4.4.2 Photochemically-assisted Synthesis of Birnessite Nanosheets and Their Structural 
Alteration in the Presence of Pyrophosphate 
Pyrophosphate (PP) affects the occurrence of soluble Mn(III)-PP complex and MnO2 
particulates in photochemically-assisted oxidation of Mn2+ (aq). Further analyses, discussed later 
in this paper, revealed that the particles are disordered δ-MnO2 nanosheets. Figure 4.5A shows that 
an increase of PP concentration promotes an increase in the maximum concentration of Mn(III)-
PP and lengthens the reaction time needed to reach the maximum concentration. After the 
concentration of Mn(III)-PP reached the maximum at each PP concentration, subsequently the 
concentration of δ-MnO2 increased (Figure 4.5). Also, the onset time of the formation of δ-MnO2 
nanosheets occurred later with an increase of PP concentration. At 0.3 mM PP, the concentration 
of Mn(III)-PP became lower after 1 hr, and the fastest formation of δ-MnO2 nanosheets was 




Figure 4.5. Photochemically-assisted oxidation of Mn2+ to Mn(III) and further to Mn(IV) under various PP 
concentrations, (A) soluble Mn(III)-PP and (B) particulate Mn(IV) oxide. The higher the PP concentration, the higher 
the maximum concentration of Mn(III)-PP and the lower the formation rate of -Mn(IV)O2 nanosheets. The onsets of 
the decrease of Mn(III)-PP and the formation of -MnO2 nanosheets occur concurrently, which indicates the further 
oxidation of soluble Mn(III)-PP to -MnO2 nanosheets. The data for particulate Mn oxide are shown as Mn(IV) oxide 
equivalents due to the difficulty in differentiating the portion of Mn(III) from mixed valence Mn. 
 At 1 and 2 mM PP, we found that the concentration of Mn(III)-PP increased by ~2.5 times 
higher than that an 0.3 mM PP in 2–3 hrs, and δ-MnO2 was formed after 3 hrs from the onset of 
the reaction. Our recent study found that superoxide, generated from the photolysis of nitrate, 
oxidizes Mn2+ (aq) to δ-Mn(IV)O2 via an Mn(III) intermediate.73 When Mn2+ (aq) is oxidized to 
Mn(III) in the presence of PP, Mn(III)-PP complex occurs. Because Mn(III)-PP is highly stable 
complex, it does not dissociate to Mn(III) and PP by itself within several hrs.13 Therefore, the 
decrease of Mn(III)-PP over the peak concentration indicates further photochemically-assisted 
oxidation of Mn(III)-PP to Mn(IV) by superoxide, which is generated from the nitrate photolysis. 
During the formation and transformation of the soluble Mn(III)-PP in oxidation, the complexation 
between Mn(III)-PP was consistent, without any change resulting from deprotonation and 
protonation of PP. If a change had occurred, it would be marked by a shift in UV-Vis absorbance 
at around 450 nm (Figure 4-S15).226 Thus, while the role of Mn(III)-PP is not clear for the 
formation of layered birnessite, the role of PP is clear in this study. Interestingly, in this reaction 































































system, the PP behaves as a catalyst to enhance the oxidation of Mn2+ (aq) to Mn(III) and further 
to Mn(IV). Compared to the oxidation of Mn2+ (aq) to Mn(IV) without PP, about 3–5 times faster 
formation occurred, because complexation with PP stabilizes the oxidized Mn(III) occurring from 
the oxidation of Mn2+ (aq) with superoxide (Figure 4.5B), which is the kinetically-limited 
reaction.227-228 Therefore, the stabilized Mn(III)-PP restrains the reverse reaction to Mn2+ (aq). 
Also, the slower formation of δ-MnO2 nanosheets with the increase of PP concentration in Figure 
1B indicates that the role of PP is to enhance the stabilization of soluble Mn(III) during the 
oxidation of Mn2+ (aq) to Mn(IV). The oxidation mechanism of Mn2+ (aq) to Mn(IV) and the 
optimization of the maximum quantity of Mn(IV) oxide in the presence of PP are beyond the scope 
of this work, and will be studied in following work. Here, we focused on how PP and various PP 
concentrations affected the final disordered δ-MnO2 nanosheets and their structure changes. 
 Under all PP conditions, photochemically-assisted oxidation of Mn2+ (aq) in nitrate 
solution showed fast oxidation to Mn(IV) and formation of disordered δ-MnO2 nanosheets (Figure 
4.6). Similar results were observed in a previous work, where PP was not added, but in that case 
there was no way to control the structure (e. g., thickness and structural symmetry) (Figure 4-S16). 
Intriguingly, while all the PP conditions yielded δ-MnO2 nanosheet structures, an increase of PP 
resulted in better stacking behavior of δ-MnO2 nanosheets. Figure 4.6 shows the synchrotron-based 
wide angle X-ray scattering (WAXS) patterns of (001) and (002) basal planes, and the hk bands of 
(20, 11) and (31, 02). The broad hk bands come from disordered (turbostratic) nanosheets.208, 212, 
229-233 For all PP conditions, the most discernible feature in WAXS is the (001) and (002) 
reflections. The poorer reflections of (001) and (002) basal planes indicate more poorly stacked 
layers.212, 229 Specifically, we observed the increased reflection of (002) basal plane from 0.3 to 1 





Figure 4.6. Synchrotron-based wide angle X-ray scattering data showing enhanced amplitudes of basal reflections of 
(001) and (002) with increasing PP concentrations. The absence or weakness of basal reflections indicates poorer 
stacking layers with a relatively smaller number of randomly stacked sheets. 
 
Figure 4.7. (A) Analyzed thickness using SAXS. To show the data more clearly, intensity is plotted as Lorentz 
corrected intensity (I × q2). (B) A red-shift occurred with increasing PP concentrations. The red-shift and thicker layers 
under the higher PP concentrations indicate that disordered -MnO2 nanosheets showed quantum confinement.  
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Size analyses also showed the thicker and larger width of disordered δ-MnO2 nanosheets 
in 1 and 2 mM PP than that in 0.3 mM PP. Using small angle X-ray scattering (SAXS) analyses, 
we measured the thickness of δ-MnO2 nanosheets under various PP concentrations, with the results 
shown in Figure 4.7A. Synchrotron-based SAXS measurement has been widely used not only to 
measure nanoparticles, but also to measure the thickness of nanosheets of birnessite and other 
materials as well.234-235 Specifically, the synchrotron-based SAXS provides more statistically 
improved data than electron microscopies because of its large X-ray scattering dimension (20 µm 
× 200 µm). The lateral dimensions of δ-MnO2 nanosheets (>> 100 nm) are much larger than the 
measurement window of SAXS, so the dimensions obtained from SAXS result solely from the 
thicknesses of δ-MnO2 nanosheets. Previous studies using simulated XRD patterns reported that 
disordered δ-MnO2 nanosheets just have a few stacked layers.212, 231 However, there was no direct 
measurement of nanosheet thickness due to its polydispersity and the very thin stacked layers. Our 
SAXS measurement shows that the bent regime of q (scattering vector) moves to the left side 
(lower q), which indicates an increase of thickness in nanosheets as the PP concentration increases 
from 0.3 to 1 and 2 mM. The particle sizes are 2.8 nm, 3.4 nm, 5.3 nm, and 4.7 nm, at 0.3, 0.5, 1, 
and 2 mM PP, respectively. The distribution of layer thicknesses from transmission electron 
microscopy (Figure 4-S17) also showed a consistent trend of thickness increasing with an increase 




Figure 4.8. Layer morphologies of the -MnO2 nanosheets under various PP concentrations: (A) 0.3 mM PP, (B) 0.5 
mM PP, (C) 1 mM PP, and (D) 2 mM PP. All the nanosheets have layered morphologies. The higher PP at 1 and 2 
mM PP showed bigger widths than those at 0.3 and 0.5 mM PP.  
 
The particles, which have thicker sheets, also have bigger widths. The particle 
morphologies were observed in SEM images. Figure 4.8 shows that δ-MnO2 nanosheets having a 
crumpled shape at all conditions. Although the measurement of width is not feasible from SEM 
images of crumpled nanosheets, the images clearly show the bigger sizes of particles in 1 and 2 
mM PP than that in lower PP concentrations. DLS measurements also show increasingly large δ-












Together with the formation of thicker nanosheets, δ-MnO2 nanosheets formed at higher 
PP concentrations show an increasing red-shift in UV-Vis spectra (Figure 4.7B). At 0.3 mM PP, 
the peak is around 380 nm. With increasing PP concentrations, the peak positions move to higher 
wavelengths, and reach around 410 nm. Specifically, the peak at 1 mM PP was the highest 
wavelength among the various PP conditions. The nano-size effect can explain the shift in 
absorbance which occurs when particle size becomes smaller than the exciton (electron-hole pair) 
in semi-conducting nanoparticles.234 When particles are on the order of nanometers in size, the 
energy states of bulk material have discrete states. Therefore, quantized levels of the band diagram 
of a bulk material occur, and a size effect on a band gap arises in semi-conducting nanoparticles.234 
The obtained particle sizes and the optical absorbance show well-matched trends. As discussed in 
the introduction, disordered δ-MnO2 nanosheets are the one of the most abundant natural Mn 
(hydr)oxide, and show interesting catalytic properties for water oxidation. Our nature-inspired 
synthesis of randomly stacked δ-MnO2 nanosheets can suggest a way to control band-gap via the 
principle of green chemistry. The findings also emphasize the importance of stacking behavior for 




Figure 4.9. Increasing portion of Mn(III) in layers confirmed with X-ray photoelectron spectroscopy (XPS) and 
Gaussian–Lorentzian fitting (Mn(III), 641.8 eV, and Mn(IV), 642.2 eV). The higher the PP concentration, the higher 
the Mn(III) fraction in the disordered -MnO2 nanosheets.  
 
 At higher PP concentrations, disordered δ-MnO2 nanosheets had greater fractions of 
Mn(III). Figure 4.9 shows the Mn 2p3/2 X-ray photoelectron spectroscopy (XPS) spectra and its 
fitting results. Based on the references to the Mn 2p3/2 spectrum in Table 4-S2, to fit a photoline, 
we used energy positions of 641.8 eV and 642.2 eV for Mn(III) and Mn(IV), respectively. There 
is also a small peak at 639.4 eV in all the PP photolines, which may come from adsorbed Mn(II) 




























concentrations showed no discernible difference in the fraction of Mn(II). Although the XPS fitting 
does not directly provide the oxidation state of δ-MnO2 nanosheets, with increasing PP 
concentration, the fitting shows a clear trend of increasing Mn(III) proportion in δ-MnO2 
nanosheets. From 0.3 to 1 mM PP, the proportion of Mn(III) increases about three times. δ-MnO2 
nanosheets in 1 mM and 2 mM PP showed similar particle sizes and stacking behaviors, and also 
the proportions of Mn(III) were almost similar. The increasing energy gap of Mn 3s spectra with 
increasing PP concentration also supports the higher fraction of Mn(III) qualitatively (Figure 4-
S18). 
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Figure 4.10. Shifts of MnL–MnL correlations to longer distances due to the larger portion of Mn(III) in the layers at 
1 and 2 mM PP. Because Mn(III) has the property of Jahn–Teller distortion, when Mn(III) is in the layers, the layers 
experience an elongation of their structures.  
 
In the disordered δ-MnO2 nanosheets, Mn(III) can occur in interlayers and/or inside Mn 
oxide layers.212, 230-231 These positions are important because interlayer Mn(III) can compensate 
for electron deficiency between layers. Also, the interlayer Mn(III) occurs above or below vacant 
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sites, which causes a significant local distortion in the structure. When Mn(III) is inside an Mn 
oxide layer, its specific orientation also change the layer structure due to Jahn-Teller distortion.38, 
212, 229 However, XPS information only gives the fraction of Mn(III), not information about its 
position in δ-MnO2 nanosheets. Thus, to understand the effect of Mn(III) on the observed stacking 
behaviors under various PP conditions, we used the X-ray pair distribution function (PDF) to 
analyze the local structures of δ-MnO2 nanosheets (Figure 4.10 and Figure 4-S19).  
 Using the analyses of the PDF spectra of MnL–MnL correlations, which are the distances 
between Mn atoms in the same layer, we found that more Mn(III) within Mn oxide layers occurred 
at 1 and 2 mM PP concentrations than at 0.3 and 0.5 mM PP concentrations. Figure 4-S19 shows 
the PDF spectra under the various PP concentrations. We discuss the PDF spectra up to 7.6 Å  
because enough is already known about the low-r interval to analyze the short-range structure of 
δ-MnO2 nanosheets.231 The most significant changes in the PDF spectra are the MnL–MnL 
correlations, which are the distances between Mn atoms in layers (Figure 4.10). Strikingly, in the 
first four layer cationic shells, we found the MnL–MnL correlation shifts to longer distances as PP 
concentration increases. The shifts significantly occurred from 0.3 to 1 mM PP. The distances at 
1 and 2 mM PP were similar. The MnL–MnL distances increase radially from 2.86 Å  to 2.88 Å  for 
the Mn1L shell, from 4.90 Å  to 4.96 Å  for the Mn2L shell, from 5.69 Å  to 5.78 Å  for the Mn3L shell, 
and from 7.50 Å  to 7.57 Å  for the Mn4L shell. The shifts in MnL–MnL distances indicate that the 
amount of Mn(III) in layers increases with an increase of PP concentration, because Mn(III) has 
Jahn-Teller distortion, and its elongated structure in a layer promotes the increase in MnL–MnL 
distances.230-231  
On the other hand, interlayer Mn(III) (MnL–Mn1IL) occurred unambiguously at 0.3 and 0.5 
mM PP (Figure 4-S20). The MnL–O2 distance of δ-MnO2 nanosheets is around 3.44 Å , and the 
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MnL–MnIL distance is around 3.49 Å .230, 233 When there is no interlayer Mn(III), a peak occurs at 
around 3.44 Å  (MnL–O2). However, when a higher extent of interlayer Mn(III) occurs in δ-MnO2 
nanosheets, the peak shifts to a longer distance between ~3.44 Å  and ~3.49 Å . The most significant 
rightward shift of the peak (3.49 Å ) occurred at 0.5 mM PP, and the second most significant 
rightward shift (3.47 Å ) occurred at 0.3 mM PP. The shifted peak indicates more interlayer Mn(III) 
at 0.3 and 0.5 mM PP than at 1 and 2 mM PP. 
 
Figure 4.11. Symmetry change from hexagonal to orthogonal with the increase of PP. Hexagonal randomly stacked 
layers show the hk band of (31, 02) as a one broad peak. However, orthogonal layers show a split of (310) and (020). 
Also, the hk bands of (20, 11) and (31, 02) shifted slightly leftward with increasing PP concentrations. The split and 
shift of hk bands indicate the structural change of hexagonal to orthogonal -MnO2 nanosheets due to a preferential 
ordering of Mn(III) in the layers. 
 
 Our WAXS measurements also indicate the different positions of Mn(III) in the 
synthesized δ-MnO2 nanosheets under the various PP concentrations. With an increase in PP 
concentration, we found the alteration of structural symmetries from hexagonal (a = 4.92 Å , b = 
2.84 Å , γ = 90º, 0.3 and 0.5 mM PP) to orthogonal (a = 5.12 Å , b = 2.84 Å , γ = 89.5º, 1 and 2 mM 
PP) δ-MnO2 nanosheets.208 Figure 4.11 shows the diffraction results for the hk bands of disordered 





































δ-MnO2 nanosheets under the various PP concentrations. The broad hk bands can be indexed to 
(20, 11) (Figure 4.11A) and (31, 02) (Figure 4.11B) detected at around 2.42 and 1.42 Å , 
respectively.229 At 1 and 2 mM PP, the reflection band shows a split, with (310) at 1.46 Å  and 
(020) at 1.42 Å  (Figure 4.11B). Also, the hk bands are slightly shifted (~0.01 Å ) left from the peaks 
in 0.3 and 0.5 mM PP (horizontal arrow in Figure 4.11). The split and shift of hk bands occurs in 
orthogonal δ-MnO2 nanosheets due to a preferential ordering of Mn(III) in the Mn oxide layers.236-
237 Hexagonal δ-MnO2 nanosheets show a (31, 02) band at 1.41 Å  without splitting of the peak, 
due to the hexagonal unit-cell symmetry.208, 229 The two different structural symmetries occur 
primarily because of differing placements of Mn(III) in the Mn oxide structures (i.e., either 
interlayer or inside the Mn oxide layer) and differing placements of vacancies. Orthogonal δ-MnO2 
nanosheets have a relatively high proportion of Mn(III) in layers with fewer vacant sites.229, 237-238 
To the contrary, in hexagonal δ-MnO2 nanosheets, Mn(III) is placed above and below the layer 
plane in corner-sharing sites (interlayer Mn(III)) at vacancies. Therefore, hexagonal δ-MnO2 
nanosheets have less Mn(III) and more vacant sites in layers than orthogonal δ-MnO2 nanosheets.  
As we discussed earlier, PDF and WAXS results reveal that δ-MnO2 nanosheets in 1 and 
2 mM PP concentrations have Mn(III) predominantly in Mn oxide layers, and have relatively fewer 
vacant sites within layers than those at 0.3 and 0.5 mM PP. In XPS analysis, we found more Mn(III) 
in δ-MnO2 nanosheets at the higher PP concentrations. In δ-MnO2 having a small fraction of 
Mn(III) as we observed at low PP concentrations,239 the structure compels Mn(III) to migrate from 
the layer to the interlayer to reduce local strains.239 A vacancy is then produced at the position of 
the migrated Mn(III). When δ-MnO2 has a high fraction of Mn(III), as we observed at high PP 
concentrations,239 δ-MnO2 has an orthogonal structure with Mn(III)-rich rows in the layers.239 The 
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information explains the presence of interlayer Mn(III) and the greater number of vacant sites at 
0.3 and 0.5 mM PP, and the layered Mn(III) structure and fewer vacant sites at 1 and 2 mM PP.  
The poorer stacking behavior at the lower PP concentrations can result from the structural 
difference. The more abundant vacant sites, which cause poorer stacking behavior and growth of 
nanosheets, at 0.3 and 0.5 mM PP generate considerable local distortion in the layer near the vacant 
sites through displacements of the neighboring Mn and O.231, 240 Therefore, at the lower PP 
concentrations, with more vacant sites, poorer stacking behavior and unfeasible particle growth in 
width and thickness are expected in δ-MnO2 nanosheets. Also, the kinetics of Mn(III)-PP and 
δ-MnO2 under the varied PP conditions can contribute to the observed stacking behavior. Because 
faster formation of δ-MnO2 nanosheets occurred at the lower PP concentration (Figure 5), poorer 
stacking behavior and smaller particle sizes can also occur due to the shorter time for structural re-
arrangement of initially polymerized MnO2, which can contain numerous vacancy defects.
61-62, 75, 
241  
 Marafatto et al. reported enhanced stacking of δ-MnO2 nanosheets due to the increase of 
interlayer Mn(III) and also reported a red-shift in optical absorbance due to the increase of Mn(III) 
in layers.47 In our study, however, based on PDF and WAXS structural analyses, we found better 
stacking of δ-MnO2 nanosheets in 1 and 2 mM PP than 0.5 mM PP, which had more dominant 
interlayer Mn(III) and a red-shift in optical absorbance caused by the effect of nanosize layer 
thicknesses. Because the production of δ-MnO2 nanosheets in our study is a bottom-up process, 
and Marafatto et al. found better stacking of δ-MnO2 nanosheets from the photoreduction of δ-
MnO2, a direct comparison is difficult. Also, although 2 mM PP showed more Mn(III) in layers 
based on the slightly longer MnL–MnL distance than that in 1 mM PP, we found that 1 mM PP 
showed peak optical absorbance at a higher wavelength than for 2 mM PP, and the red-shift trends 
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were correlated with particle thickness. Therefore, we concluded the slight shift of optical 
absorption spectra in our study can be attributed to the effect of nanosize layer thickness, rather 
than the proportion of Mn(III) in layers.  
 Interestingly, although we did not see a shift of the absorbance peak related to the presence 
of Mn(III), we did find an absorbance peak for Mn(III), which could be highly reactive Mn(III) 
involved in the water oxidation catalysis.12, 15 Under 1 and 2 mM PP, the absorbance hump was 
detected at around 510 nm in the UV-Vis spectra (Figure 4-S21).209, 211 The absorbance peak was 
weaker with a decrease of PP concentrations from 1 to 0.3 mM PP. This trend matches well with 
the increasing extent of Mn(III) in layers and the total Mn(III) fraction in the structure with 
increased PP concentrations observed in this study. Previous studies discussed the role of reactive 
Mn(III) upon the observed absorbance at around 510 nm in UV-Vis spectrum in δ-MnO2 for water 
oxidation catalysis.209, 211 However, they could not specify the position of the reactive Mn(III).209 
The measured UV-Vis spectra in this study (Figure 4-S21) show that the reactive Mn(III) does not 
relate only to Mn(III) in interlayers. Thus, the reactive Mn(III) may relate to Mn(III) placed in 
actual layers or to the total amount of Mn(III) in the structure, based on the extent of Mn(III) in 




4.4.3 Heterogeneous Nucleation and Oriented Aggregation of Mn(IV) Oxide on Quartz 
under Light Exposure 
To study the heterogeneous nucleation and growth mechanism of Mn(IV) oxide on an 
environmentally-abundant mineral surface, we used nitrate photolysis to oxidize Mn2+ (aq) to 
Mn(IV) under neutral pH (pH 5.8 ± 0.1) in the presence of quartz. All these conditions are relevant 
to environmental systems. The solutions containing Mn2+ (aq) and nitrate continuously flowed 
through a reactor containing cleaned quartz substrates. The reactor was exposed in artificial 
sunlight from a 450 W Xe-arc lamp. Using atomic force microscopy (AFM), synchrotron-based 
grazing incidence wide angle X-ray scattering (GIWAXS), and transmission electron microscopy 
(TEM), we found that Mn(IV) oxide follows the non-classical nucleation mechanism and forms 
oriented aggregates on quartz, having several specific morphologies. Intriguingly, we observed the 
direct formation of a 1 × 2 tunneled structure of Mn(IV) oxide, different from the homogeneous 
nucleation of Mn(IV) oxide under the same conditions.   
When a 1 mM nitrate solution containing 100 µM of Mn2+ (aq) was exposed to simulated 
sunlight, Mn oxide heterogeneously nucleated on the quartz substrate and showed oriented 
aggregation. Once nuclei formed, they aggregated over time into three forms: (i) a film on quartz, 
(ii) aggregated nanoparticle islands on the film, and (iii) nanorods on the islands. Our AFM 
analyses under elapsed time showed that heterogeneously nucleated Mn oxide particles covered 
the quartz surface entirely within 1 hr. With increasing reaction time, the particles aggregated 
further, and formed a film of Mn oxide on the quartz. As the AFM image captured at 24 hrs clearly 
shows, the matured film of Mn oxide on quartz has steps, which are typical of the cleaned y-cut 
quartz surface (Typical rms roughness of the surface: ~2.0 Å .) (Figure 4.12A). After the 
heterogeneous nucleation of Mn oxide on the film of Mn oxide occurred, the nucleated particles 
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strikingly aggregated further to form islands, i.e., they underwent oriented aggregation. Their 
nucleation and aggregation behaviors over time strongly support the idea that the nanoparticle 
islands were formed via heterogeneous nucleation, and are not a collection of homogeneously 
nucleated particles subsequently deposited together on the quartz surface.  
 
Figure 4.12. Heterogeneous nucleation and oriented aggregation creates three forms of Mn(IV) oxide on quartz 
with 1 mM nitrate. (A) Atomic force microscopy images of heterogeneously nucleated Mn(IV) oxide on quartz over 
time. The AFM images show three stages of heterogeneous nucleation and oriented aggregation: (i) a film of Mn(IV) 
oxide on quartz, (ii) aggregated islands on the film of Mn(IV), and (iii) nanorods on the islands. (B) 2D images of 
synchrotron-based grazing incidence wide angle X-ray scattering from the heterogeneously nucleated particles. 
Diffractions at 1.5 and 1.9 Å -1 occurred at 4 hrs of reaction, and those at 2.0 and 2.2 Å -1 occurred at 10 hrs. (C) 3D 
AFM images illustrate the heterogeneous nucleation and oriented aggregation of Mn(IV) oxide at different elapsed 
times. (D) Averaged 1D GIWAXS intensities as a function of q. (E) Synchrotron-based X-ray absorption near edge 
spectroscopy for a sample reacted over 24 hrs, and for reference specimens of Mn(II), Mn(III), and Mn(IV). Based on 
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On the nanoparticle islands, further heterogeneous nucleation and oriented aggregation of 
Mn(IV) oxide occurred at reaction times over 24 hrs. However, instead of the formation of 
nanoparticle islands, the newly nucleated particles on the islands formed nanorods. The observed 
heterogeneous nucleation and subsequent aggregation of Mn oxide with different morphologies 
have not been reported before. We also tested different concentrations of nitrate (0.1 and 10 mM) 
and Mn2+ (aq) (10 µM) to confirm that the observed heterogeneous nucleation and oriented 
aggregation can be validated under various environmental systems, and how water chemistries 
affect the number and morphology of the heterogeneously nucleated particles (Figure 4-S4 and 4-
S22). Under all the tested conditions, we observed the same film, nanoparticle islands, and 
nanorods as observed in the 1 mM nitrate system. The results explain that the different 
experimental conditions do not affect the process of heterogeneous nucleation. However, the 
higher the nitrate concentration, the higher the number concentrations of nanoparticle islands and 
nanorods. Also, heterogeneous nucleation occurred faster with an increase of nitrate concentration. 
These results are expected because the higher the nitrate concentration, the higher the amount of 
superoxide generated by nitrate photolysis.73 In a dark control experiment over 24 hrs, there was 
no heterogeneous nucleation of Mn oxide on quartz (Figure 4-S23). 
The heterogeneously formed particles are notable not only because of the interesting 
nucleation and aggregation of Mn oxide, but also because of the observed diffractions of the 1×2 
tunneled structure of Mn oxide in the synchrotron-based GIWAXS images (Figure 4.12B and 
4.12D). Over 4 hrs, diffractions were detected at 1.5 and 1.9 Å -1, and with increasing time, the 
diffractions occurred more clearly (Figure 4.12B and 4.12D). Also, additional diffractions at 2.5 
and 2.8 Å -1 occurred at 10 and 24 hrs. Among natural Mn oxides, diffraction at 1.5 Å -1 occurs only 
from groutite (Mn(III)), groutellite (mixed oxidation states of Mn(III)/Mn(IV)), and ramsdellite 
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(Mn(IV), all of which have a 1×2 tunneled structure but different oxidation states. Together with 
the diffractions, XANES for the samples reacted over 24 hrs in light revealed that the dominant 
oxidation state of the heterogeneously nucleated Mn oxides was Mn(IV). Linear combination 
analysis showed 82 % Mn(IV) and 18 % Mn(III). Also, the binding energy of Mn 3p from X-ray 
photoelectron spectroscopy showed that over the elapsed times the oxidation states were very 
consistent with the dominance of Mn(IV) (Figure 4-S24). The results indicate that the observed 
morphological changes are surface-driven phenomena, and are not produced by changes in the 
oxidation states of Mn oxides.  
Our new information about the oxidation states and diffractions of heterogeneously 
nucleated Mn oxide is of special interest due to the fast oxidation kinetics and 1×2 tunneled 
structure of Mn(IV) dominant oxides. Previously, in both biotic and photochemical oxidation 
conducted in solutions, the consequent mineralization of Mn(IV) oxide showed the formation of 
only layered birnessite nanosheets. While there are many different phases of tunnel-structured 
Mn(IV) oxide in natural systems, their formation from the homogeneous oxidation of Mn2+ (aq) 
to Mn(IV) has not been observed before. For the first time, we showed that a foreign substrate, 
quartz, can make a tunneled structure of Mn(IV) oxide directly via heterogeneous nucleation under 
light exposure.  
Using TEM, we could observe the structures of the heterogeneously nucleated particles 
and the oriented aggregation of Mn oxide occurring in different morphologies on the quartz 
substrate (Figure 4.13). The observed representative region of the sample showed clear differences 
from the empty TEM grid, and included the film, nanoparticle islands, and nanorods, all of which 
formed by the heterogeneous nucleation and subsequent oriented aggregation of Mn(IV) oxide 




Figure 4.13. Differences in the structures of the heterogeneously nucleated film, nanoparticle islands, and 
nanorods of Mn(IV) oxide. (A) Atomic force microscopy image showing the heterogeneously nucleated Mn(IV) 
oxide. (B) TEM image showing the amorphous film, nanoparticle islands, and nanorods of Mn(IV) oxide. Artificial 
color is used to visualize different Mn(IV) morphologies. (C-E) Zoomed-in images of amorphous film, onion-layered 
nanoparticle islands, and nanorods show the difference in their structures. (F and G) Electron diffractions of the film, 
nanoparticle islands, and nanorods. The film does not show any crystalline structure from TEM images, but shows 
ring patterns from ED. The results indicate that the film of Mn(IV) oxide is amorphous. Nanoparticle islands and 
nanorods have crystalline structure. Larger lattice fringes (~4.0 and 3.3 Å ) were observed from nanoparticle islands, 
and smaller lattice fringes (~2.2 and 2.0 Å ) were observed from nanorods.  
 
Most notably, the different morphologies of Mn oxides show different lattice fringes, and 
the results from TEM provide the key to explain what we found in the GIWAXS analyses. First, 
the film of Mn oxide, formed at the interface with quartz, has an amorphous structure. The particle 



























Mn oxide onto quartz, but there is no clear lattice fringe in the film area in the TEM images (Figure 
4.13B and 4.13C). Also, ED of the film shows only ring patterns, which indicate the amorphous 
structure of the film (Figure 4.13F). ED also shows that the film has lattice fringes of ~7.1, ~4.1, 
and ~2.3 Å . While most natural Mn(IV) oxides have the ~2.3 Å  lattice fringe, the two big lattice 
fringes occur only from ramsdellite (~4.1 Å ) and layered birnessite (~7.1 Å ). Therefore, we can 
infer that the film of Mn oxide on quartz formed from the heterogeneous nucleation of amorphous 
nuclei having both structures.  
Interestingly, the TEM images of the nanoparticle islands showed concentric circles, like 
the cross section of onion (Figure 4.13B, 4.13C, and 4.13D). The lattice fringes in the nanoparticle 
islands are ~4.0 and ~3.3 Å , consistent with the diffractions observed in the GIWAXS 
measurement (q = 1.5 and 1.9 Å -1, respectively). Using AFM, GIWAXS, and TEM, we can obtain 
complementary information about the heterogeneous nucleation and oriented aggregation of 
nanoparticle islands. The initial heterogeneously nucleated particles on the film of Mn oxide, 
which were first observed at 4 hrs, have lattice fringes of ~4.0 and ~3.3 Å , and the nucleated 
particles undergo the oriented aggregation to form the nanoparticle islands. As discussed, the 
crystalline diffraction at q = ~1.5 Å -1 occurs only from 1×2 tunneled structure of Mn(IV) oxide 
(ramsdellite). In TEM images (Figure 4.13B and 4.13E), the nanorods that formed on the island 
nanoparticles exhibited smaller lattice fringes than the fringes in the nanoparticle islands. The 
observed lattice fringes are ~2.2 and ~2.0 Å , and are also consistent with the results of the 
GIWAXS measurements at 10 and 24 hrs (2.6 and 2.8 Å -1). The ED image from the nanorods and 
nanoparticle islands show that crystalline diffractions occurred within the ring patterns at ~2.3 and 
~4.1 Å  of the amorphous Mn oxide film (Figure 4.13G), different from homogenously nucleated 
Mn oxide, as described in the chapter 4.4.1 and 4.4.2.  
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4.5 Conclusions and Implications 
In conclusion, we have revealed a new oxidative pathway, the photochemically-assisted 
fast abiotic oxidation of Mn2+ (aq) to Mn(IV) in nitrate solution, and the subsequent formation of 
δ-MnO2 nanosheets. The abiotic process is a comparably as fast as biotic processes, which have 
hitherto been considered the dominant pathway of Mn oxidation in environmental systems. The 
fast oxidation occurred via the superoxide generated from nitrate photolysis. The oxidation of Mn2+ 
(aq) to Mn(IV) occurs with two steps, each of which transfers one electron, with Mn(III) as an 
intermediate. Our findings strongly suggest the importance of the photochemically-assisted abiotic 
pathway of Mn oxidation and formation of δ-MnO2 nanosheets in natural systems. Driven by 
sunlight, this is an inherently green process.  
In addition, we showed the effects of PP for the formation of disordered δ-MnO2 
nanosheets. The increasing PP concentration makes formation kinetics of disordered δ-MnO2 
nanosheets slower, and changes birnessite structure from hexagonal to orthogonal in the range of 
0.3 to 2 mM PP. We found that the fastest formation of δ-MnO2 nanosheets and the lowest 
maximum concentration of Mn(III)-PP occurred at 0.3 mM PP. With increased PP concentration, 
enhanced stacking of δ-MnO2 nanosheets occurred, and particle sizes increased. Furthermore, we 
confirmed the red-shift of optical absorbance with thicker layers, which elucidates the effects of 
the particle size of δ-MnO2 nanosheets. The higher the PP concentration, the higher the proportion 
of Mn(III) in δ-MnO2 nanosheets layers. At 1 and 2 mM PP, orthogonally structured δ-MnO2 
nanosheets formed, having Mn(III) dominantly in layers with fewer vacant sites than in 0.3 and 
0.5 mM PP. Hexagonal δ-MnO2 nanosheets formed in 0.3 and 0.5 mM PP, having Mn(III) 
dominantly in the interlayers with more vacancy sites than found in 1 and 2 mM PP.  
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In engineered systems, disordered δ-MnO2 nanosheets are interesting catalysts because of 
their variable structure and oxidation states. For example, Mn(III) in δ-MnO2 nanosheets is 
believed to be important in water oxidation.209, 211, 242 Thus, a structural modification in 
synthesizing δ-MnO2 nanosheets to include stable Mn(III) in a water oxidation catalyst would 
enhance its performance. Also, vacant sites in δ-MnO2 nanosheets affect the ion-exchange and 
sorption in interlayers.243 In this dissertation, under varied PP concentrations, our findings provide 
useful information about how to synthesize disordered δ-MnO2 nanostructures and tune their 
oxidation state and structural properties in an environmentally friendly way. Also, our study 
showed the importance of soluble Mn(III) and chelators (e.g., PP), which are believed to be 
abundant in environmental systems, for explaining how nature can produce δ-MnO2 nanosheets 
with varied oxidation states.   
The observed heterogeneous nucleation and oriented aggregation of Mn oxide under light 
exposure suggested that the heterogeneous nucleation of Mn(IV) oxide follows non-classical 
nucleation theory, which has a transformation from amorphous nuclei to crystalline phase. The 
amorphous nuclei of Mn(IV) oxide, as observed in the film of Mn oxide, aggregated and 
transformed into film, nanoparticle islands, and nanorods, depending on the surface conditions 
where nuclei formed. Most important, light governs the oxidation of Mn2+ (aq) to Mn(IV) by 
generating superoxide. At pH 5.8, which is that no one has shown any oxidation of Mn2+ (aq) to 
Mn(IV) in abiotic inorganic processes,24 we show that the fast oxidation and formation of Mn(IV) 
oxide can occur on quartz with the generated superoxide. Although we used only nitrate to generate 
superoxide, there are many sources that can produce superoxide through photochemical processes 
and biotic processes in natural systems.39, 72-73 Moreover, we showed that the heterogeneous 
nucleation of Mn(IV) oxide can diversify the structures and morphologies directly, not through 
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further redox reactions or phase transformation of the layered birnessite nanosheets, which has 
been considered as the initial formation of Mn(IV) oxide. 
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4-S1. Small angle X-ray scattering analyses. The 1D intensity profiles in Figusre 4.7A were 
analyzed by equation 4-(S1) and 4-(S2):62, 94, 218 
( ) ( , , ) ( , , , , )pow h fI q NP q r S q I d R v ,      (4-S1) 
),,(),,,,( fhpowfhpow vRqSqIvRdIqS 

.      (4-S2) 
Here, N is the number density, P(q, r, σ) is the particle form factor, q is the scattering vector, r is 
the radius, σ is the standard deviation, and S(q, Ipow, μ, Rh, vf) is the structural factor. For the particle 
form factor, we considered the polydisperse size distribution of particles using the Schultz 
distribution in our systems. Two separate terms, for aggregates (Ipowq
-μ) and primary particles (S(q, 
Rh, vf)), describe the structural factor. Ipowq
-μ explains the fractal behavior of aggregates of primary 
particles.128-129 S(q, Rh, vf) represents the hard-sphere Percus-Yevick model, with Rh and vf being 
the hard-sphere interaction distance and volume fraction, respectively. For dilute systems, the 
structure factor is equal to one.94 Fitted values of r and σ under varied pyrophosphate 
concentrations were used to calculate the radii of gyration (Rg) of the thickness of δ-MnO2 
















4-S2. Supplementary Discussions 
1) Confirmation of nitrate photo-excitation by UV light 
Photochemically-assisted oxidation of Mn and subsequent formation of δ-MnO2 from Mn2+ (aq) 
occurred through nitrate photolysis. The formation of δ-MnO2 can be qualitatively observed from 
the absorption peak of UV-Vis measurement at λ ~ 400 nm.244 For this test, to reveal an obvious 
increase or suppression of the absorption spectrum resulting from the faster formation of δ-MnO2 
at higher nitrate concentration, 100 mM nitrate at initial pH of 8.9 and with 100 μM Mn2+ (aq), 
was used instead of 1 mM nitrate. To confirm the role of UV light in the reaction, a UV filter was 
installed on the Xe-arc lamp to block UV light (λ < 400 nm). The UV-Vis absorption spectra of 
samples with the UV filter (λ > 400 nm) were the same as for the dark condition (Figure 4-S10). 
There was no obvious absorption peak in the UV-Vis spectra under light exposure with the UV 
filter. On the other hand, obvious absorption peaks in UV-Vis spectra at 400 nm were observed 
for light exposure without the UV filter, suggesting that the reaction results from UV light, which 
triggers photolysis of nitrate at a wavelength of ~305 nm.223-224 In this study, we tested the effect 
of hydroxyl radicals and superoxides, which are the most reactive ROS in aqueous systems. We 
found that superoxide, which is generated from the photolysis of nitrate, is the biggest contributor. 
We did not test nitrogen oxide radicals because they are known as isolable radicals.245  
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2) Oxidation state and morphology of the synthesized δ-MnO2 in outdoor natural sunlight 
The effect of outdoor sunlight exposure on Mn oxidation and subsequent formation of δ-MnO2 
was investigated. The reaction was conducted between 10:30 am and 3:30 pm on July 24th, 2015, 
in a temperature range from 30 °C to 33 °C, on the balcony of Whitaker Hall at Washington 
University (St. Louis, MO, USA, 38.9 °N latitude). Figure 4-S12A shows the sunlight spectrum. 
The concentration of δ-MnO2 increased with elapsed time. In the 1 mM nitrate condition, an 
approximately four times lower concentration was observed in the outdoor sunlight test than in the 
artificial sunlight experiments (Figure 4-S12B). The lower intensity of outdoor sunlight at ~305 
nm resulted in the lower concentration of δ-MnO2. However, even in 1 mM nitrate solution, the δ-
MnO2 formation rate is still comparable with that of biotic process. Also, 100 mM nitrate solution 
promotes fast formation of δ-MnO2, and can be employed in applications to synthesize δ-MnO2 in 
an environmental friendly way. The oxidation state and morphology of the synthesized Mn oxide 
using outdoor sunlight indicated the formation of δ-MnO2 as well (Figure 4-S5).  
3) Comparison of the abiotic manganese oxidation rate found in this work with those in biotic 
processes 
Mn oxidation in nature is kinetically-controlled. Without high pH, autocatalysis, and Mn-oxidizing 
bacteria, the oxidation of Mn2+ (aq) takes a very long time.24, 30 For example, in Diem and Stumm’s 
study, Mn2+ (aq) concentration remained at the same level over years in 10 mM nitrate and  20 μM 
Mn(NO3)2 at pH 8.4 in the presence of O2 (PO2 = 0.2 atm).
30 High pH and autocatalysis promote 
faster oxidation of manganese.24, 31-33 However, the high pH and autocatalytic conditions showed 
the oxidation from Mn2+ (aq) to Mn(III) only, not to Mn(IV).24, 31, 33, 36 Photochemical processes 
are also important for triggering redox reactions in the cycling among Mn(II), Mn(III), and Mn(IV) 
in surface water environments.45-47 A few studies have showed photochemically-induced oxidation 
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with organics.38, 48 Nico et al. showed the fast oxidation of Mn2+ (aq) to Mn(III), and mentioned 
that Mn(III) was the most dominant oxidation state in their system.48 Recently, Learman et al. 
showed the photochemically assisted oxidation of Mn2+ (aq) to Mn(IV) with organics in K-medium 
(2 g/L peptone, 0.5 g/L yeast extract, and 20 mM HEPES buffer) (0.35–0.77 μM/hr).38 While these 
studies showed photooxidation with organics, most previous studies focused on the role of light in 
the reduction of MnO2.
46-47, 80, 205-207 The comproportionation-disproportionation process between 
Mn2+ (aq) and initial δ-MnO2 could change the mineral phase from the initial δ-MnO2 to 
Mn(III)OOH or to orthogonal birnessite having up to 33 % Mn(III) in layers.229, 232, 241, 246 Recent 
studies clarified that it depends on the ratio of Mn2+ (aq) to initial δ-MnO2 and on the pH.229, 232, 
246 In any event, the results showed mainly the oxidation of Mn2+ (aq) to Mn(III), not to Mn(IV). 
While comproportionation-disproportionation between Mn2+ (aq) and δ-MnO2 showed a 
possibility of oxidation to Mn(IV), it was equal exchange between oxidation of Mn2+ (aq) to 
Mn(IV) and reduction of Mn(IV) to Mn2+ (aq), not a direct, additional conversion of Mn2+ (aq) to 
Mn(IV).38, 232 Thus, the comproportionation-disproportionation process between Mn2+ (aq) and 
hexagonal birnessite (δ-MnO2) is considered an important reductive pathway of Mn redox 
cycling.232, 243, 246 On the other hand, because the biotic process showed relatively faster oxidation 
of Mn2+ (aq) to Mn(IV), bacteria-mediated Mn oxidation is believed to be the biggest contributor 
to the Mn redox reaction, as the oxidative pathway from Mn2+ (aq) to Mn(IV) in natural systems. 
Fast oxidation and the formation of MnO2 have been observed in the studies of microbial effects 
on Mn oxidation (e.g., Bacillus sp. Strain SG-1,49 Leptothrix discophora strain SS-150, 
Pseudomonas putida strains MnB1 and GB-1,51-52 marine alphaproteobacterium Roseobacter sp. 
AzwK-3b34, 37). The bacterially-mediated formation rates of MnO2 obtained at the end of reaction 
or reported values from previous results are compared in Figure 4-S13. With the marine 
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alphaproteobacterium, the average of previous formation rates was 0.71 ± 0.35 μM hr-1.34, 37-38, 204 
Red columns in Figure 4-S13 are the formation rates of MnO2 obtained from this study in 1 mM 
nitrate with sunlight exposure. There is a caveat in this comparison that the approximated δ-MnO2 
formation rates of biotic Mn oxidation were obtained by linearization from zero to the final 
concentrations at the final times indicated in the previous studies. Because the total reaction times 
are different due to differences in reaction systems, we compared formation rate, not total yields. 
Also, because the kinetics of biotic oxidation of Mn(II) are controlled by diverse factors, such as 
pH, initial Mn(II) concentration, dissolved oxygen, temperature, and the ionic strength of reaction 
solution, the Mn oxide formation rates in Figure 4-S13 are good only for relative comparisons, and 
more systematic studies are required. Contemporary analyses of the kinetics of biotic oxidation 
under diverse factors were recently done regarding Bacillus sp. Strain SG-1.247 While there are 
significant changes in the formation rate of MnO2, most results were between ~0.1 μM hr-1 and 
~1.4 μM hr-1 (spore concentration: 0.7 to 11 × 109 spores/L; a pH range: 5.8 to 8.1; temperature: 4 
to 58 ºC; dissolved oxygen: 2 to 270 µM; initial Mn(II) concentration: 1 to 200 µM; ionic strength: 
0.05 to 0.68).247 Thus, though different bacteria have different formation rates, the comparable 
formation rates of our results indicate that photochemically-induced Mn oxidation in nitrate 
solutions can be a highly possible scenario contributing to δ-MnO2 formation in the environment, 
which has not been reported previously. To the best of our knowledge, for the first time, our result 
shows the fastest oxidation from Mn2+ (aq) to Mn(IV) (s), as well as the formation of δ-MnO2 




Figure 4-S1. pH measurement over 6 hrs in photochemically-assisted oxidation of Mn2+ (aq) to Mn(IV). The pH 
decreases without light show the effect of CO2 absorption over 6 hrs, and are very similar regardless of the existence 
of Mn2+ (aq). Also, the faster decrease of pH under light exposure without Mn2+ (aq) shows the effect of nitrate 
photolysis. Thus, the pH decrease with light and Mn shows the fastest decrease of pH from the effects of Mn2+ (aq) 
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Figure 4-S2. Formation of layered birnessite nanosheets at initial pH 5.8 with 100 µM Mn2+(aq) and 1 mM nitrate. 
(A) XRD result show the diffractions of layered birnessite nanosheets. (B) Slower formation rates of layered birnessite 
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Figure 4-S3. pH measurements during photochemically-assisted oxidation and formation of δ-MnO2 nanosheets under 
various PP concentrations with time lapses. The quite consistent pH conditions resulted from the buffering capability 
of pyrophosphate. Because 0.3 mM PP is a relatively lower concentration than the others, the pH decreased from 9.6 
to 8.1 after 6 hrs. Other conditions showed pH decreases less than 1 over 6 hrs. 
 
 
Figure 4-S4. AFM images of the heterogeneously nucleated Mn(IV) oxides on quartz prepared in 10 mM nitrate and 
100 µM Mn2+ (aq).  
 
 




Figure 4-S5. Characterization of the outdoor sunlight synthesized layered birnessite using Mn2p X-ray photoelectron 
spectroscopy (XPS) and scanning electron microscopy (SEM). (A) The position of Mn2p3/2, and the energy gap 
between Mn2p1/2 and the satellite peak in 1 mM nitrate. (B) The position of Mn2p3/2, and the energy gap between 
Mn2p1/2 and the satellite peak in 100 mM nitrate. (C) Layered morphology of the synthesized δ-MnO2 in 1mM nitrate. 
(D) Layered morphology of the synthesized δ-MnO2 in 100 mM nitrate.  











































Figure 4-S6. The determination of oxidation state of the synthesized δ-MnO2 via XPS specta of Mn 3s and O 1s. (A) 
Mn 3s photolines of Mn(II) (Mn(NO3)2, Alpha Aesar), Mn(III) (γ-MnOOH, Mineralogical Research Co.), and Mn(IV) 
(β-MnO2, Sigma Aldrich) reference samples indicated Mn 3s multiplet splitting (ΔEMn 3s). (B) Linear fitting of the 
obtained ΔEMn 3s indicates that the oxidation state of the synthesized δ-MnO2 (ΔEMn 3s = 4.6 eV (Figure 4.2B)) is 
3.80+.107, 221 (C) The areas of the deconvoluted O 1s peaks respectively fit the Mn–O–Mn bond for tetravalent oxide 
(529.8 eV), the Mn–O–H bond for hydrated trivalent oxide (531.5 eV), and the H–O–H bond for residual water (533.3 
eV).248-249 The fitting of the O 1s spectrum was conducted based on Gaussian-Lorentzian curve-fitting. The obtained 
areas of the Mn–O–Mn peak and the Mn–O–H peak indicated the oxidation state of the synthesized δ-MnO2 was 
3.77+, valence = {IV(areaMn–O–Mn - areaMn–O–H) + III(areaMn–O–H)} / areaMn–O–Mn.221 The oxidation states obtained from 
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Figure 4-S7. (20, 11) and (31, 02) bands of the formed particles measured by synchrotron X-ray diffraction. Because 
c-disordered birnessite has randomly stacked nanosheet structures, (20, 11) and (31, 02) reflections occur as broad hk 
bands, which come from same hk reflections and different l reflections. c-disordered hexagonal and orthogonal 
birnessite phases show differences in peak separation. Peaks at red lines occur from hexagonal birnessite, and peaks 
at blue lines occur from orthogonal birnessite.208, 229 The particles show the peaks of hexagonal birnessite without any 
separation of the peaks. The results confirm that the formed particles are c-disordered hexagonal birnessite (δ-MnO2), 
and support the findings of EXAFS.  
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Figure 4-S8. The amount of water in the synthesized δ-MnO2 and formation of H+-birnessite without Na+ between 
layers. (A) TGA revealed an ~10 % decrease in the total mass of synthesized δ-MnO2 below 200 °C, caused by the 
loss of water. (B) X-ray photoelectron spectroscopy (XPS) spectra did not show a discernible intensity increase at the 
value of Na 1s binding energy (~ 1072 eV). (C) Energy dispersive spectrometry (EDS) also did not show Na+.  
  






















































Figure 4-S9. (A) The nitrogen adsorption/desorption isotherm of δ-MnO2 nanosheets confirms a surface area of 61 
m2/g. (B) Barett-Joyner-Halenda (BJH) pore size distribution curve shows a peak centered at 1.8 nm.    
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Figure 4-S10. The effect of light wavelength on manganese oxidation. With a UV filter installed, the filtered light 




Figure 4-S11. Photochemically-assisted synthesis of δ-MnO2 in 100 mM nitrate solution showed faster formation of 
δ-MnO2. (A) In situ measurements of MnO2 concentrations under varied nitrate concentrations. (B) Layered 
morphology of the synthesized δ-MnO2. (C) Mn 2p XPS spectrum indicating the binding energy of Mn 2p3/2, 642.1 
eV, and the energy gap between Mn 2p1/2 and the satellite peak, 11.7 eV. Those results indicate the formation of δ-
MnO2.   
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Figure 4-S12. The formation of δ-MnO2 in outdoor sunlight. (A) Sunlight spectrum on July 24th of 2015. (B) In situ 
measurement of the δ-MnO2 concentrations with 1 mM and 100 mM nitrate.   




















 1 mM nitrate
 100 mM nitrate






























Figure 4-S13. Comparison of formation rates of MnO2 in bacteria-mediated systems and in an organic-mediated 
photooxidation system with that in this work. The bacterially-mediated formation rates of MnO2 obtained at the end 
of reaction or reported values from previous results are compared with the formation rates in this study in 1 mM nitrate 
with sunlight exposure. The comparable formation rates in our preliminary results indicate that photochemically-
























































Figure 4-S14. The formation of δ-MnO2 nanosheets at 50 °C temperature and 10 mM initial Mn2+ (aq) concentration 
one variable at a time. (A) The morphology of nanosheets formed via the photochemically-assisted pathway at 50 °C. 
(B) The morphology of nanosheets formed via the photochemically-assisted pathway at 10 mM initial Mn2+ (aq). (C) 
X-ray diffraction patterns identifying the phase of δ-MnO2 nanosheets synthesized at 50 °C temperature and 10 mM 
initial Mn2+ (aq) concentration one variable at a time.  
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Figure 4-S15. The absorption spectra of Mn(III)-PP under the photochemical oxidation at 2 mM PP. The absorption 
peaks were placed at ~445 nm without any shift, which indicates that there is no any change in the property of 






Figure 4-S16. Synchrotron-based wide angle X-ray scattering of layered birnessite nanosheets synthesized from the 





Figure 4-S17. TEM images under various PP concentrations, with the distribution of thicknesses shown in the insets. 
TEM images show a consistent trend of thickness increase with the increase of PP, as also observed in the SAXS 
fitting results. The analyzed thickness from TEM also shows that the thickness at 1 mM PP is slightly thicker than 
that at 2 mM PP, which supports the consistency of the SAXS fitting results with the TEM analysis.  
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Figure 4-S18. Energy gap of Mn 3s (ΔEMn3s) from XPS spectra under varied PP concentrations. Mn 7s and Mn 5s 
occur at ~89 eV and ~84 eV, respectively, and the energy gap of Mn 3s is variable between ~4.5 eV to ~ 6 eV 
depending on the oxidation state of Mn. The increase in the energy gap from ~4.5 eV to ~4.8 eV with the increase of 
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Figure 4-S19. Pair distribution functions (G(r)) under the varied PP concentrations.  
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Figure 4-S20. Correlation of the shift of Mn–O2 (~3.44 Å ) to MnL–Mn1IL (~3.49 Å ) in the presence of interlayer 
Mn(III) under 0.3 and 0.5 mM PP. Specifically, the peak shift occurred most significantly in 0.5 mM PP, r = ~3.49 Å , 
which indicates the largest portion of interlayer Mn(III) is in 0.5 mM PP. Because Mn(III) is mostly placed in layers, 
not in interlayers under 1 and 2 mM, the PDF shows the Mn–O2 peak at around 3.44 Å .    
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Figure 4-S21. The emerge of the absorbance peak of reactive Mn(III) for water oxidation catalysis at ~510 nm. The 
higher the PP concentration, the stronger the absorbance peak. The absorbance spectra indicate that reactive Mn(III) 
is not necessarily related only to interlayer Mn(III). Note the weaker absorbance at 0.5 mM PP, which has the largest 
portion of interlayer Mn(III), compared to those at 1 and 2 mM PP. The reactive Mn(III) might relate to Mn(III) in 




Figure 4-S22. AFM images of the heterogeneously nucleated Mn(IV) oxides on quartz prepared in 0.1 mM nitrate 
and 10 µM Mn2+ (aq).  
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Figure 4-S23. AFM images of a reacted quartz substrate with 1mM nitrate without light exposure. 
 
  
Dark condition test over 24 hr reaction
1 mM Nitrate w/o light




Figure 4-S24. Oxidation state analysis using Mn 3p X-ray photoelectron spectroscopy (XPS). (A) Samples prepared 
in 1 mM nitrate and (B) in 100 mM nitrate. (C) Reference Mn oxides. 
 
  
































Table 4-S1. Chemical compositions of the δ-MnO2 nanosheets under various PP concentrations.  




0.3 mM PP 0.005 ± 0.003 13.0         MnO2· 0.72H2O 
0.5 mM PP 0.012 ± 0.008 11.6 Na0.01MnO2· 0.64H2O 
1 mM PP 0.042 ± 0.004 12.9 Na0.04MnO2· 0.71H2O 
2 mM PP 0.097 ± 0.012 11.2 Na0.1MnO2· 0.62H2O 
 








ΔE3s ΔE2p1/2 References 
Mn(II) 
MnO 640.8 5.8  Junta and Hochella (1994)31 
MnO 641.0 6.1  Di Castro and Polzonetti (1989)110 
MnO  5.4 6.0 Matsumoto and Sato (1986)109 
MnO  6.0 6.0 Gorlin and Jaramillo (2010)140 
Mn(III) 
Mn2O3 641.9 5.2  Di Castro and Polzonetti (1989)
110 
Mn2O3 641.8 5.0  Ramesh et al. (2008)
139 
Mn2O3   10.3 Jia Wei et al. (2013)
250 
Mn2O3  5.1 10.0 Gorlin and Jaramillo (2010)
140 
Mn(IV) 
MnO2 642.2 4.7  Oku et al. (1975)
108 
MnO2 642.3 4.5  Ramesh et al. (2008)
139 
MnO2  4.5 11.8 Gorlin and Jaramillo (2010)
140 





Table 4-S3. Chemical compositions of the δ-MnO2 nanosheets. Thermogravimetric analysis (TGA) indicated an 
approximate 10 wt% decrease by water evaporation at around 200°C, and based on the remaining 90 wt%, the 
composition was determined as Mn0.92□0.08O2 (Fig. S3), where □ is vacant sites in the layers, as occurs in δ-MnO2.  
Na/Mn (mol %) Water percentage (mass %) Chemical compositions 




Table 4-S4. Subsequent reactions during UV photolysis of NO3-, adapted from Kim et al. (2014).224 
UV photolysis of NO2
- and NO3
- and 




• + H2O → 2NO2- + 2H+ (1) Fischer and Warneck (1996)252 
NO• + NO3
- →NO2• + NO2- (2) Fischer and Warneck (1996)252 
NO2
• + NO2
• + H2O → NO3- + NO2- +2H+ (3) Fischer and Warneck (1996)252 
NO2
- + hv → NO2-* (4) Mack and Bolton (1999)253 
NO2
-*→ NO• + O•- (5) Mack and Bolton (1999)253 
NO2
-* → NO2• + eaq- (6) Fischer and Warneck (1996)252 
HNO2 + hv → NO• + •OH (7) Fischer and Warneck (1996)252 
NO3
- + hv → NO3-* (8) Mack and Bolton (1999)253 
NO3
-* → NO2• + O•- (9) Mack and Bolton (1999)253 
NO2
-* → NO2- + O(3P) (10) Mack and Bolton (1999)253 
O•- + H2O ↔ •OH + OH- (11) Mack and Bolton (1999)253 
eaq
- + O2 → O2•- (12) Buxton et al. (1988)254 
2NO• + O2 → 2NO2• (13) Fischer and Warneck (1996)252 
•OH + NO2- → OH- + NO2• (14) Fischer and Warneck (1996)252 
•OH + HNO2 → H2O + NO2• (15) Fischer and Warneck (1996)252 




Table 4-S5. Hydrodynamic particle sizes under various PP concentrations after 6 hr reactions, analyzed by dynamic 
light scattering. 









5. Conclusions and Future directions 
5.1 Conclusions 
Based on recent findings that Mn (hydr)oxides play crucial roles as electron donors and 
acceptors in natural elemental cycling and biological metabolisms, their consequent fate is of 
increasing interest. However, our current knowledge about the fate of Mn in abiotic and biotic 
systems is limited. In this dissertation, we have elucidated unresolved oxidation and formation 
mechanisms of Mn (hydr)oxides in various environmentally-relevant systems. 
Task 1 focused on the effect of nucleation kinetics, controlled by IS and pH, on the 
structural match between Mn(OH)2 (s) and a quartz substrate in heterogeneous nucleation. Task 2 
investigated the protein-mediated oxidation of Mn2+ (aq) to Mn(III) and the subsequent 
biomineralization to Mn(III)OOH nanoparticles. Finally, Task 3 examined the photochemically 
accelerated oxidation of Mn2+ (aq) to Mn(IV) and consequent formation of various structures of 
Mn(IV) oxides in nitrate solution.     
In Task 1, we showed the structural matches (m) between newly formed Mn(OH)2 (s) 
nanoparticles and quartz under various IS and pH conditions. From calculations of heterogeneous 
nucleation rates and measurements of the contact angles between nuclei and quartz, we confirmed 
that better structural matches occurred at higher IS and lower pH conditions. From CNT analyses 
and the homogeneous nucleation rates in solution, we found that the supersaturation of Mn(OH)2 
(s) affected the structural matches by controlling the heterogeneous nucleation rate. Also, based 
on the calculated values of structural matches under various pH conditions, the average interfacial 
energy between Mn(OH)2 (s) and liquid was calculated as γnf = 71 ± 7 mJ/m2. Then, using the 
calculated m values and γnf, we calculated the variance of the interfacial energy between quartz 
and Mn(OH)2 (s), and found that it ranged from 262 ± 7 mJ/m
2 to 272 ± 8 mJ/m2. Hence, our 
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findings in this dissertation provide useful new information for studying heterogeneous nucleation 
behavior, not only of Mn (hydr)oxide, but also of other minerals controlled by kinetics in 
environmental systems and materials syntheses.  
In Task 2, we investigated the kinetics and mechanisms of protein-catalyzed Mn oxy-
hydroxide (MnOOH) nanoparticle formation using apoferritin, an iron storage protein, as a 
macromolecular template. We first identified the phase of nucleated Mn(III) inside apoferritin to 
be α-MnOOH nanoparticles. Using UV-vis spectroscopy and Leucoberbelin Blue (LBB) 
calorimetry, we quantified α -MnOOH particle formation at different elapsed times under varied 
pH conditions (8.9 to 9.1) while we varied Mn(II)-to-apoferritin ratios (2000:1 to 4000:1). 
Precipitation kinetic analyses by computational fitting revealed that Mn2+ (aq) and OH- are rate-
determining agents with best-fit orders of reaction of 2 and 4, respectively. Based on the 
determined kinetics and stoichiometry between Mn2+ (aq) and OH-, we proposed that the 
ferroxidase centers in H-subunits of apoferritin catalyze α-MnOOH formation through sequential 
steps of oxidation and hydrolysis. These new kinetic and mechanistic findings in Mn-apoferritin 
system will help us to understand how proteins can oxidize manganese and consequently form Mn 
oxides in nature, and to facilitate optimized bio-inspired synthesis of uniform-sized inorganic 
nanomaterials.  
In Task 3, for the first time, we demonstrated the inorganic abiotic oxidation of Mn2+ (aq) 
to Mn(IV) within hrs under light exposure in nitrate solution. Contrary to previously held belief, 
the kinetics of the photochemically-assisted abiotic oxidation were fast, comparable to even those 
of biotic processes. We also found that superoxide, generated from nitrite photo-excitation, was 
the major contributor to the abiotic fast oxidation, with two one-electron transfers from Mn2+ (aq) 
to Mn(IV), and Mn(III) was an intermediate product. Consequently, disordered birnessite (δ–
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MnO2) nanosheets formed. The findings suggest a new and previously unconsidered abiotic 
pathway for the occurrence of Mn(IV) oxide in environmental systems, and for the engineered 
production of highly reactive disordered layered δ–MnO2 nanosheets by mimicking a natural 
system. 
In addition, we studied changes in the stacking behaviors and structure of disordered 
birnessite nanosheets. With an increase in PP concentration, a higher concentration of soluble 
Mn(III)-PP formed from the oxidation of Mn2+ (aq) to Mn(III). On the other hand, at lower PP 
concentrations, faster oxidation of Mn(III)-PP to Mn(IV) and consequent formation of disordered 
birnessite nanosheets occurred. Furthermore, the formation rate of Mn(III)-PP and disordered 
birnessite nanosheets affected the thickness of the nanosheets and the structure of the produced 
birnessite. The higher the PP concentration, the thicker the nanosheet layers. At 1 and 2 mM PP, 
orthogonally structured δ-MnO2 nanosheets formed, having Mn(III) dominantly in layers, with 
fewer vacant sites than in 0.3 and 0.5 mM PP. Hexagonal δ-MnO2 nanosheets formed in 0.3 and 
0.5 mM PP, having Mn(III) dominantly in the interlayers, with more vacancy sites than found in 
1 and 2 mM PP. These findings can shed light on the unknown and crucial roles of soluble Mn(III) 
and PP in birnessite formation in environmental systems, and suggest how natural birnessite can 
occur with variable oxidation states.    
Moreover, in the presence of a quartz substrate, we also found the oxidation of Mn2+ (aq) 
to Mn(IV), and a consequent formation of Mn(IV) oxide on the quartz. The heterogeneously 
nucleated Mn(IV) oxide showed interesting morphologies with oriented aggregations to 
amorphous films, nanoparticle islands and nanorods of Mn(IV) oxide. Interestingly, instead of the 
formation of layered birnessite observed from homogeneously nucleated Mn(IV) oxide, the 
heterogeneously nucleated nanoparticle islands clearly showed 1 × 2 tunneled structure of Mn(IV) 
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oxide, ramsdelllite. The findings showed how nature might produce various polymorphs of 
Mn(IV) oxides that have not been observed before.  
5.2 Future Recommendations 
Over the course of the dissertation research, we found that changes in experimental 
parameters, such as pH, IS, the Mn2+ (aq) concentration, and the substrate, affected the oxidation 
of Mn2+ (aq) and consequent formation of Mn (hydr)oxides significantly. Moreover, adding an 
inorganic ligand (PP) also controlled the formation kinetics and structure of Mn (hydr)oxide. These 
findings suggested that the fate of Mn is sensitive to the alteration of natural systems. Specifically, 
we can expect that environmentally-abundant cations and anions will differentiate the oxidation 
and formation mechanisms from what we have observed in this dissertation research. For example, 
Jun et al. showed changes in heterogeneous nucleation of Mn (hydr)oxide when they added cobalt 
in solution.68 Considering this observation, we can also expect changes in the oxidation rate and 
nucleation behavior, reflected in the structural match, morphologies, and interfacial energies of 
Mn (hydr)oxide. Therefore, based on our findings, future studies of the impacts of 
environmentally-abundant cations and anions are required to better explain the environmental fate 
of Mn.  
In this dissertation research, we used nitrate as an ROS generator. In natural systems, there 
are many sources (e.g., natural organic matter and bacteria) that can generate ROS through biotic 
and abiotic processes. Expanding the pool of sources will also explain how Mn (hydr)oxides form 
in natural redox reactions. 
In considering the fate of Mn, pH is one of the most important parameters, as we observed 
in this research. However, it is also not easy to maintain pH using buffer chemicals, because 
aqueous Mn complexes with the chemicals, changing their characteristics entirely. Therefore, 
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further study is also necessary to reveal the effect of pH on the oxidation and formation 
mechanisms of Mn in environmental systems. 
While we now have more information about soluble Mn(III) in natural aqueous systems, 
its characteristics can change totally if a ligand chelates with the Mn(III). The study of the fate of 
Mn(III) is still in its infancy, and we have mostly focused on the fate of Mn2+ (aq). Thus, in future 
work, with different ligands, a systematic study is required to explain the fate of Mn(III). In 
particular, precipitation of Mn-PP particulates can occur depending on the supersaturation of the 
mineral by just mixing high concentrations of Mn and PP. The resulting particles could be a useful 
material for energy storage. Thus, understanding of the formation of Mn-PP and the application of 
the new material would be an interesting research area. 
We showed notable results to explain how nature many different phases of Mn(IV) oxides 
can be created through heterogeneous nucleation. On the basis of our findings of the tunneled 
structure of Mn(IV) oxide on quartz, the study of heterogeneous nucleation onto different minerals, 
such as muscovite, will provide other polymorphs of Mn(IV) oxides, but this has not been observed 
experimentally.  
This study provided interesting insights not only for fundamental research, but also for 
engineered applications. Specifically, we provided a new green chemistry principle to synthesize 
Mn (hydr)oxide nanoparticles for use as a catalyst, and to remediate Mn-contaminated sites in 
environmental aqueous systems. To strongly support the strength of green chemical processes and 
to scale-up, future applications in engineered systems are required.  
In summary, we studied the abiotic and biotic formation of Mn (hydr)oxides and their fate 
and phase transformation in environmental systems. At a fundamental level, we have examined 
several reactions in nature. In particular, we have focused on the oxidation of Mn2+ (aq) and the 
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consequent nucleation of Mn (hydr)oxides. The findings will provide key knowledge to help 
understand how nature creates Mn (hydr)oxides, and how they control natural redox reactions. On 
the basis of this research, future studies considering additional environmental parameters, such as 
cations, anions, and foreign templates, will further our understanding of the fate of Mn in nature. 
Also, given the environmentally benign syntheses of Mn (hydr)oxides shown in this study, we 
have suggested how to make connections between geochemistry and materials science for 






1. Post, J. E., Manganese oxide minerals: Crystal structures and economic and environmental 
significance. Proc. Natl. Acad. Sci. 1999, 96 (7), 3447-3454. 
2. Martin, S. T., In Environmental Catalysis, Grassian, V. H., Ed. CRC: Boca Raton, 2005; pp 
61-81. 
3. Manning, B. A.; Fendorf, S. E.; Bostick, B.; Suarez, D. L., Arsenic (III) oxidation and arsenic 
(V) adsorption reactions on synthetic birnessite. Environ. Sci. Technol. 2002, 36 (5), 976-981. 
4. Scott, M. J.; Morgan, J. J., Reactions at oxide surfaces. 1. Oxidation of As (III) by synthetic 
birnessite. Environ. Sci. Technol. 1995, 29 (8), 1898-1905. 
5. Li, X.; Pan, G.; Qin, Y.; Hu, T.; Wu, Z.; Xie, Y., EXAFS studies on adsorption–desorption 
reversibility at manganese oxide–water interfaces: II. Reversible adsorption of zinc on δ-
MnO2. J. Colloid Interface Sci. 2004, 271 (1), 35-40. 
6. Caliskan, N.; Kul, A. R.; Alkan, S.; Sogut, E. G.; Alacabey, I., Adsorption of Zinc (II) on 
diatomite and manganese-oxide-modified diatomite: A kinetic and equilibrium study. J. 
Hazard. Mater. 2011, 193, 27-36. 
7. Crowther, D. L.; Dillard, J. G.; Murray, J. W., The mechanisms of Co (II) oxidation on 
synthetic birnessite. Geochim. Cosmochim. Acta 1983, 47 (8), 1399-1403. 
8. Murray, J. W.; Dillard, J. G., The oxidation of cobalt (II) adsorbed on manganese dioxide. 
Geochim. Cosmochim. Acta 1979, 43 (5), 781-787. 
9. Hem, J.; Lind, C.; Roberson, C., Coprecipitation and redox reactions of manganese oxides 
with copper and nickel. Geochim. Cosmochim. Acta 1989, 53 (11), 2811-2822. 
10. Villalobos, M.; Bargar, J.; Sposito, G., Mechanisms of Pb (II) sorption on a biogenic 
manganese oxide. Environ. Sci. Technol. 2005, 39 (2), 569-576. 
11. Chinni, S.; Anderson, C. R.; Ulrich, K.-U.; Giammar, D. E.; Tebo, B. M., Indirect UO2 
oxidation by Mn (II)-oxidizing spores of Bacillus sp. strain SG-1 and the effect of U and Mn 
concentrations. Environ. Sci. Technol. 2008, 42 (23), 8709-8714. 
12. Wang, Z.; Lee, S.-W.; Kapoor, P.; Tebo, B. M.; Giammar, D. E., Uraninite oxidation and 
dissolution induced by manganese oxide: A redox reaction between two insoluble minerals. 
Geochim. Cosmochim. Acta 2013, 100, 24-40. 
13. Wang, Z.; Xiong, W.; Tebo, B. M.; Giammar, D. E., Oxidative UO2 Dissolution Induced by 
Soluble Mn (III). Environ. Sci. Technol. 2013, 48 (1), 289-298. 
14. Wang, Z.; Tebo, B. M.; Giammar, D. E., Effects of Mn (II) on UO2 Dissolution under Anoxic 
and Oxic Conditions. Environ. Sci. Technol. 2014, 48 (10), 5546–5554. 
15. Webb, S.; Fuller, C.; Tebo, B.; Bargar, J., Determination of uranyl incorporation into biogenic 
manganese oxides using X-ray absorption spectroscopy and scattering. Environ. Sci. Technol. 
2006, 40 (3), 771-777. 
16. Murray, K. J.; Tebo, B. M., Cr (III) is indirectly oxidized by the Mn (II)-oxidizing bacterium 
Bacillus sp. strain SG-1. Environ. Sci. Technol. 2007, 41 (2), 528-533. 
17. Brose, D. A.; James, B. R., Hexavalent Chromium Reduction by Tartaric Acid and Isopropyl 
Alcohol in Mid-Atlantic Soils and the Role of Mn (III, IV)(hydr) oxides. Environmental 
science & technology 2013, 47 (22), 12985-12991. 
18. Hem, J. D.; Lind, C. J., Coprecipitation mechanisms and products in manganese oxidation in 
the presence of cadmium. Geochim. Cosmochim. Acta 1991, 55 (9), 2435-2451. 
19. Myers, C. R.; Nealson, K. H., Bacterial manganese reduction and growth with manganese 
oxide as the sole electron acceptor. Science 1988, 240. 
208 
 
20. Tebo, B. M.; Bargar, J. R.; Clement, B. G.; Dick, G. J.; Murray, K. J.; Parker, D.; Verity, R.; 
Webb, S. M., Biogenic manganese oxides: properties and mechanisms of formation. Annu. 
Rev. Earth Planet. Sci. 2004, 32, 287-328. 
21. Lee, S. W.; Kim, J.; Chen, S.; Hammond, P. T.; Shao-Horn, Y., Carbon nanotube/manganese 
oxide ultrathin film electrodes for electrochemical capacitors. ACS nano 2010, 4 (7), 3889-
3896. 
22. Wu, M.-S.; Chiang, P.-C. J.; Lee, J.-T.; Lin, J.-C., Synthesis of manganese oxide electrodes 
with interconnected nanowire structure as an anode material for rechargeable lithium ion 
batteries. J. Phys. Chem. B 2005, 109 (49), 23279-23284. 
23. Von Langen, P. J.; Johnson, K. S.; Coale, K. H.; Elrod, V. A., Oxidation kinetics of 
manganese (II) in seawater at nanomolar concentrations. Geochim. Cosmochim. Acta 1997, 
61 (23), 4945-4954. 
24. Morgan, J. J., Kinetics of reaction between O2 and Mn (II) species in aqueous solutions. 
Geochim. Cosmochim. Acta 2005, 69 (1), 35-48. 
25. Trouwborst, R. E.; Clement, B. G.; Tebo, B. M.; Glazer, B. T.; Luther, G. W., Soluble Mn 
(III) in suboxic zones. Science 2006, 313 (5795), 1955-1957. 
26. Madison, A. S.; Tebo, B. M.; Mucci, A.; Sundby, B.; Luther, G. W., Abundant porewater Mn 
(III) is a major component of the sedimentary redox system. Science 2013, 341 (6148), 875-
878. 
27. Duckworth, O. W.; Sposito, G., Siderophore-manganese (III) interactions. I. Air-oxidation of 
manganese (II) promoted by desferrioxamine B. Environ. Sci. Technol. 2005, 39 (16), 6037-
6044. 
28. Duckworth, O. W.; Sposito, G., Siderophore-manganese (III) interactions II. Manganite 
dissolution promoted by desferrioxamine B. Environ. Sci. Technol. 2005, 39 (16), 6045-6051. 
29. Silva, A. M.; Cunha, E. C.; Silva, F. D.; Leão, V. A., Treatment of high-manganese mine 
water with limestone and sodium carbonate. J. Clean. Prod. 2012, 29, 11-19. 
30. Diem, D.; Stumm, W., Is dissolved Mn2+ being oxidized by O2 in absence of Mn-bacteria or 
surface catalysts? Geochim. Cosmochim. Acta 1984, 48 (7), 1571-1573. 
31. Junta, J. L.; Hochella Jr, M. F., Manganese (II) oxidation at mineral surfaces: A microscopic 
and spectroscopic study. Geochim. Cosmochim. Acta 1994, 58 (22), 4985-4999. 
32. Wehrli, B.; Friedl, G.; Manceau, A., Reaction rates and products of manganese oxidation at 
the sediment-water interface. In Aquatic Chemistry: Interfacial and Interspecies Processes, 
Huang, C. P.; Omelia, C. R.; Morgan, J. J., Eds. American Chemical Society: 1995; Vol. 244, 
pp 111-134. 
33. Madden, A. S.; Hochella, M. F., A test of geochemical reactivity as a function of mineral size: 
Manganese oxidation promoted by hematite nanoparticles. Geochim. Cosmochim. Acta 2005, 
69 (2), 389-398. 
34. Learman, D.; Voelker, B.; Vazquez-Rodriguez, A.; Hansel, C., Formation of manganese 
oxides by bacterially generated superoxide. Nat. Geosci. 2011, 4 (2), 95-98. 
35. Hansel, C. M.; Zeiner, C. A.; Santelli, C. M.; Webb, S. M., Mn (II) oxidation by an 
ascomycete fungus is linked to superoxide production during asexual reproduction. Proc. 
Natl. Acad. Sci. 2012, 109 (31), 12621-12625. 
36. Davies, S. H.; Morgan, J. J., Manganese (II) oxidation kinetics on metal oxide surfaces. J. 
Colloid Interface Sci. 1989, 129 (1), 63-77. 
209 
 
37. Hansel, C. M.; Francis, C. A., Coupled photochemical and enzymatic Mn (II) oxidation 
pathways of a planktonic Roseobacter-like bacterium. Appl. Environ. Microbiol. 2006, 72 (5), 
3543-3549. 
38. Learman, D.; Wankel, S.; Webb, S.; Martinez, N.; Madden, A.; Hansel, C., Coupled biotic–
abiotic Mn (II) oxidation pathway mediates the formation and structural evolution of biogenic 
Mn oxides. Geochim. Cosmochim. Acta 2011, 75 (20), 6048-6063. 
39. Diaz, J. M.; Hansel, C. M.; Voelker, B. M.; Mendes, C. M.; Andeer, P. F.; Zhang, T., 
Widespread production of extracellular superoxide by heterotrophic bacteria. Science 2013, 
340 (6137), 1223-1226. 
40. Hem, J. D., Redox processes at surfaces of manganese oxide and their effects on aqueous 
metal ions. Chemical Geology 1978, 21 (3), 199-218. 
41. Hem, J. D., Rates of manganese oxidation in aqueous systems. Geochim. Cosmochim. Acta 
1981, 45 (8), 1369-1374. 
42. Sung, W.; Morgan, J. J., Oxidative removal of Mn (II) from solution catalysed by the γ-
FeOOH (lepidocrocite) surface. Geochim. Cosmochim. Acta 1981, 45 (12), 2377-2383. 
43. Hem, J. D.; Lind, C. J., Nonequilibrium models for predicting forms of precipitated 
manganese oxides. Geochim. Cosmochim. Acta 1983, 47 (11), 2037-2046. 
44. Rosso, K. M.; Morgan, J. J., Outer-sphere electron transfer kinetics of metal ion oxidation by 
molecular oxygen. Geochim. Cosmochim. Acta 2002, 66 (24), 4223-4233. 
45. Hocking, R. K.; Brimblecombe, R.; Chang, L.-Y.; Singh, A.; Cheah, M. H.; Glover, C.; Casey, 
W. H.; Spiccia, L., Water-oxidation catalysis by manganese in a geochemical-like cycle. Nat. 
Chem. 2011, 3 (6), 461-466. 
46. Sunda, W. G.; Huntsman, S. A., Photoreduction of manganese oxides in seawater. Mar. Chem. 
1994, 46 (1), 133-152. 
47. Marafatto, F. F.; Strader, M. L.; Gonzalez-Holguera, J.; Schwartzberg, A.; Gilbert, B.; Peña, 
J., Rate and mechanism of the photoreduction of birnessite (MnO2) nanosheets. Proc. Natl. 
Acad. Sci. 2015, 112 (15), 4600-4605. 
48. Nico, P. S.; Anastasio, C.; Zasoski, R. J., Rapid photo-oxidation of Mn (II) mediated by humic 
substances. Geochim. Cosmochim. Acta 2002, 66 (23), 4047-4056. 
49. Tebo, B. M.; Johnson, H. A.; McCarthy, J. K.; Templeton, A. S., Geomicrobiology of 
manganese(II) oxidation. Trends Microbiol. 2005, 13 (9), 421-428. 
50. Brouwers, G.; Vijgenboom, E.; Corstjens, P.; De Vrind, J.; De Vrind-De Jong, E., Bacterial 
Mn2+ oxidizing systems and multicopper oxidases: an overview of mechanisms and functions. 
Geomicrobiol. J. 2000, 17 (1), 1-24. 
51. Francis, C. A.; Tebo, B. M., cumA Multicopper Oxidase Genes from Diverse Mn (II)-
Oxidizing and Non-Mn (II)-OxidizingPseudomonas Strains. Appl. Environ. Microbiol. 2001, 
67 (9), 4272-4278. 
52. Brouwers, G.-J.; de Vrind, J. P.; Corstjens, P. L.; Cornelis, P.; Baysse, C.; de Vrind-de Jong, 
E. W., cumA, a gene encoding a multicopper oxidase, is involved in Mn2+ oxidation in 
Pseudomonas putida GB-1. Appl. Environ. Microbiol. 1999, 65 (4), 1762-1768. 
53. Learman, D.; Voelker, B.; Vazquez-Rodriguez, A.; Hansel, C., Formation of manganese 
oxides by bacterially generated superoxide. Nature Geoscience 2011, 4 (2), 95-98. 
54. Santelli, C. M.; Webb, S. M.; Dohnalkova, A. C.; Hansel, C. M., Diversity of Mn oxides 
produced by Mn (II)-oxidizing fungi. Geochim. Cosmochim. Acta 2011, 75 (10), 2762-2776. 
210 
 
55. Learman, D.; Wankel, S.; Webb, S.; Martinez, N.; Madden, A.; Hansel, C., Coupled biotic–
abiotic Mn (II) oxidation pathway mediates the formation and structural evolution of biogenic 
Mn oxides. Geochimica et Cosmochimica Acta 2011, 75 (20), 6048-6063. 
56. Learman, D. R.; Voelker, B. M.; Madden, A. S.; Hansel, C. M., Constraints on superoxide 
mediated formation of manganese oxides. Front. Microbiol. 2013, 4. 
57. Johnson, J. E.; Webb, S. M.; Thomas, K.; Ono, S.; Kirschvink, J. L.; Fischer, W. W., 
Manganese-oxidizing photosynthesis before the rise of cyanobacteria. Proc. Natl. Acad. Sci. 
2013, 110 (28), 11238-11243. 
58. Romano, C. A.; Zhou, M.; Song, Y.; Wysocki, V. H.; Dohnalkova, A. C.; Kovarik, L.; Paša-
Tolić, L.; Tebo, B. M., Biogenic manganese oxide nanoparticle formation by a multimeric 
multicopper oxidase Mnx. Nat. commun. 2017, 8, 746. 
59. Yano, J.; Yachandra, V., Mn4Ca Cluster in Photosynthesis: Where and How Water is 
Oxidized to Dioxygen. Chemical reviews 2014, 114 (8), 4175-4205. 
60. De Yoreo, J. J.; Vekilov, P. G., Principles of crystal nucleation and growth. Rev. Mineral. 
Geochem. 2003, 54 (1), 57-93. 
61. Jung, H.; Jun, Y.-S., Ionic Strength-Controlled Mn (Hydr)oxide Nanoparticle Nucleation on 
Quartz: Effect of Aqueous Mn(OH)2. Environ. Sci. Technol. 2016, 50 (1), 105-113. 
62. Jung, H.; Lee, B.; Jun, Y.-S., Structural Match of Heterogeneously Nucleated Mn(OH)2 (s) 
Nanoparticles on Quartz under Various pH Conditions. Langmuir 2016, 32 (41), 10735-
10743. 
63. Jun, Y.-S.; Kim, D.; Neil, C. W., Heterogeneous Nucleation and Growth of Nanoparticles at 
Environmental Interfaces. Acc. Chem. Res. 2016, 49 (9), 1681-1690. 
64. Pouget, E. M.; Bomans, P. H.; Goos, J. A.; Frederik, P. M.; Sommerdijk, N. A., The initial 
stages of template-controlled CaCO 3 formation revealed by cryo-TEM. Science 2009, 323 
(5920), 1455-1458. 
65. De Yoreo, J. J.; Gilbert, P. U.; Sommerdijk, N. A.; Penn, R. L.; Whitelam, S.; Joester, D.; 
Zhang, H.; Rimer, J. D.; Navrotsky, A.; Banfield, J. F., Crystallization by particle attachment 
in synthetic, biogenic, and geologic environments. Science 2015, 349 (6247), aaa6760. 
66. Junta-Rosso, J. L.; Hochella Jr, M. F.; Donald Rimstidt, J., Linking microscopic and 
macroscopic data for heterogeneous reactions illustrated by the oxidation of manganese (II) 
at mineral surfaces. Geochim. Cosmochim. Acta 1997, 61 (1), 149-159. 
67. Jun, Y.-S.; Ghose, S. K.; Trainor, T. P.; Eng, P. J.; Martin, S. T., Structure of the Hydrated 
(101̄4) Surface of Rhodochrosite (MnCO3). Environ. Sci. Technol. 2007, 41 (11), 3918-3925. 
68. Jun, Y.-S.; Martin, S. T., Cobalt alters the growth of a manganese oxide film. Langmuir 2006, 
22 (5), 2235-2240. 
69. Jun, Y.-S.; Kendall, T. A.; Martin, S. T.; Friend, C. M.; Vlassak, J. J., Heteroepitaxial 
nucleation and oriented growth of manganese oxide islands on carbonate minerals under 
aqueous conditions. Environ. Sci. Technol. 2005, 39 (5), 1239-1249. 
70. Jun, Y.-S.; Martin, S. T., Microscopic observations of reductive manganite dissolution under 
oxic conditions. Environ. Sci. Technol. 2003, 37 (11), 2363-2370. 
71. Spiro, T. G.; Bargar, J. R.; Sposito, G.; Tebo, B. M., Bacteriogenic manganese oxides. Acc. 
Chem. Res. 2009, 43 (1), 2-9. 
72. Hansel, C. M., Manganese in Marine Microbiology. In Advances in Microbial Physiology, 
Academic Press: 2017. 
211 
 
73. Jung, H.; Chadha, T.; Kim, D.; Biswas, P.; Jun, Y.-S., Photochemically-assisted Fast Abiotic 
Oxidation of Manganese and Formation of δ–MnO2 Nanosheets in Nitrate Solution. Chem. 
Commun. 2017, 53, 4445-4448. 
74. Fletcher, N., Size effect in heterogeneous nucleation. J. Chem. Phys. 1958, 29 (3), 572-576. 
75. Liu, X., Generic progressive heterogeneous processes in nucleation. Langmuir 2000, 16 (18), 
7337-7345. 
76. Funes, A.; de Vicente, J.; Cruz-Pizarro, L.; de Vicente, I., The influence of pH on manganese 
removal by magnetic microparticles in solution. Water Res. 2014, 53, 110-122. 
77. Spangler, A. H.; Spangler, J. G., Groundwater manganese and infant mortality rate by county 
in North Carolina: an ecological analysis. Ecohealth 2009, 6 (4), 596-600. 
78. Gillispie, E. C., Sources and Environmental Factors Controlling Manganese Distributions in 
Well Water of the North Carolina Piedmont. 2014. 
79. Doula, M. K., Removal of Mn2+ ions from drinking water by using Clinoptilolite and a 
Clinoptilolite–Fe oxide system. Water Res. 2006, 40 (17), 3167-3176. 
80. Kim, K.; Yoon, H.-I.; Choi, W., Enhanced Dissolution of Manganese Oxide in Ice Compared 
to Aqueous Phase under Illuminated and Dark Conditions. Environ. Sci. Technol. 2012, 46 
(24), 13160-13166. 
81. Kim, H.; Kim, W.; Mackeyev, Y.; Lee, G.-S.; Kim, H.-J.; Tachikawa, T.; Hong, S.; Lee, S.; 
Kim, J.; Wilson, L. J., Selective oxidative degradation of organic pollutants by singlet oxygen-
mediated photosensitization: tin porphyrin versus C60 aminofullerene systems. Environ. Sci. 
Technol. 2012, 46 (17), 9606-9613. 
82. Kim, J.; Lee, J.; Choi, W., Synergic effect of simultaneous fluorination and platinization of 
TiO2 surface on anoxic photocatalytic degradation of organic compounds. Chem. Commun. 
2008,  (6), 756-758. 
83. Bertino, D. J.; Zepp, R. G., Effects of solar radiation on manganese oxide reactions with 
selected organic compounds. Environmental science & technology 1991, 25 (7), 1267-1273. 
84. Sunda, W. G.; Huntsman, S. A., Photoreduction of manganese oxides in seawater. Marine 
chemistry 1994, 46 (1), 133-152. 
85. Lafferty, B. J.; Ginder-Vogel, M.; Sparks, D. L., Arsenite oxidation by a poorly crystalline 
manganese-oxide 1. Stirred-flow experiments. Environ. Sci. Technol. 2010, 44 (22), 8460-
8466. 
86. Zhu, M.; Ginder-Vogel, M.; Sparks, D. L., Ni (II) sorption on biogenic Mn-oxides with 
varying Mn octahedral layer structure. Environ. Sci. Technol. 2010, 44 (12), 4472-4478. 
87. Brose, D. A.; James, B. R., Hexavalent Chromium Reduction by Tartaric Acid and Isopropyl 
Alcohol in Mid-Atlantic Soils and the Role of Mn (III, IV)(hydr) oxides. Environ. Sci. 
Technol. 2013, 47 (22), 12985-12991. 
88. Landrot, G.; Ginder-Vogel, M.; Livi, K.; Fitts, J. P.; Sparks, D. L., Chromium (III) oxidation 
by three poorly-crystalline manganese (IV) oxides. 1. Chromium (III)-oxidizing capacity. 
Environ. Sci. Technol. 2012, 46 (21), 11594-11600. 
89. Lupulescu, A. I.; Rimer, J. D., In Situ Imaging of Silicalite-1 Surface Growth Reveals the 
Mechanism of Crystallization. Science 2014, 344 (6185), 729-732. 
90. Lee, S. S.; Fenter, P.; Nagy, K. L.; Sturchio, N. C., Monovalent Ion Adsorption at the 
Muscovite (001)–Solution Interface: Relationships among Ion Coverage and Speciation, 
Interfacial Water Structure, and Substrate Relaxation. Langmuir 2012, 28 (23), 8637-8650. 
212 
 
91. Wallace, A. F.; DeYoreo, J. J.; Dove, P. M., Kinetics of silica nucleation on carboxyl-and 
amine-terminated surfaces: insights for biomineralization. J. Am. Chem. Soc. 2009, 131 (14), 
5244-5250. 
92. Ray, J. R.; Lee, B.; Baltrusaitis, J.; Jun, Y.-S., Formation of iron (III)(hydr) oxides on 
polyaspartate-and alginate-coated substrates: effects of coating hydrophilicity and functional 
group. Environ. Sci. Technol. 2012, 46 (24), 13167-13175. 
93. Li, D.; Nielsen, M. H.; Lee, J. R.; Frandsen, C.; Banfield, J. F.; De Yoreo, J. J., Direction-
specific interactions control crystal growth by oriented attachment. Science 2012, 336 (6084), 
1014-1018. 
94. Li, Q.; Fernandez-Martinez, A.; Lee, B.; Waychunas, G. A.; Jun, Y.-S., Interfacial Energies 
for Heterogeneous Nucleation of Calcium Carbonate on Mica and Quartz. Environ. Sci. 
Technol. 2014, 48 (10), 5745-5753. 
95. Jun, Y.-S.; Lee, B.; Waychunas, G. A., In Situ Observations of Nanoparticle Early 
Development Kinetics at Mineral−Water Interfaces. Environ. Sci. Technol. 2010, 44 (21), 
8182-8189. 
96. Kowacz, M.; Prieto, M.; Putnis, A., Kinetics of crystal nucleation in ionic solutions: 
electrostatics and hydration forces. Geochim. Cosmochim. Acta 2010, 74 (2), 469-481. 
97. Hu, Y.; Lee, B.; Bell, C.; Jun, Y.-S., Environmentally abundant anions influence the 
nucleation, growth, ostwald ripening, and aggregation of hydrous Fe (III) oxides. Langmuir 
2012, 28 (20), 7737-7746. 
98. Aubé, B.; Zinck, J. In Lime treatment of acid mine drainage in Canada, Brazil-Canada 
Seminar on Mine Rehabilitation. Brazil-Canada Seminar on Mine Rehabilitation, 
Florianópolis, Desktop publishing: Florianópolis, 2003; pp 23-39. 
99. Akcil, A.; Koldas, S., Acid Mine Drainage (AMD): causes, treatment and case studies. J. 
Clean. Prod. 2006, 14 (12–13), 1139-1145. 
100. Skousen, J.; Association, N. M., Handbook of technologies for avoidance and remediation of 
acid mine drainage. National Mine Land Reclamation Center Morgantown: 1998. 
101. Hazen, R. M., Chiral crystal faces of common rock-forming minerals. In Progress in 
Biological Chirality, G. Palyi, C. Z., L. Cagglioti, Ed. Elsevier: New York, 2004; pp 137-151. 
102. Seah, M. P.; Brown, M. T., Validation and accuracy of software for peak synthesis in XPS. J. 
Electron Spectrosc. Relat. Phenom. 1998, 95 (1), 71-93. 
103. Tang, C.; Zhu, J.; Zhou, Q.; Wei, J.; Zhu, R.; He, H., Surface Heterogeneity of SiO2 
Polymorphs: An XPS Investigation of α-Quartz and α-Cristobalite. J. Phys. Chem. C 2014, 
118 (45), 26249-26257. 
104. Penn, R. L.; Banfield, J. F., Imperfect oriented attachment: dislocation generation in defect-
free nanocrystals. Science 1998, 281 (5379), 969-971. 
105. Markov, I. V., Crystal growth for beginners. World Scientific: 1995. 
106. Fernandez-Martinez, A.; Hu, Y.; Lee, B.; Jun, Y.-S.; Waychunas, G. A., In situ determination 
of interfacial energies between heterogeneously nucleated CaCO3 and quartz substrates: 
thermodynamics of CO2 mineral trapping. Environ. Sci. Technol. 2012, 47 (1), 102-109. 
107. Ilton, E. S.; Post, J. E.; Heaney, P. J.; Ling, F. T.; Kerisit, S. N., XPS Determination of Mn 
Oxidation States in Mn (Hydr) oxides. Appl. Surf. Sci. 2016, 366, 475-485. 
108. Oku, M.; Hirokawa, K.; Ikeda, S., X-ray photoelectron spectroscopy of manganese—oxygen 
systems. J. Electron Spectrosc. Relat. Phenom. 1975, 7 (5), 465-473. 
109. Matsumoto, Y.; Sato, E., Electrocatalytic properties of transition metal oxides for oxygen 
evolution reaction. Mater. Chem. Phys. 1986, 14 (5), 397-426. 
213 
 
110. Di Castro, V.; Polzonetti, G., XPS study of MnO oxidation. J. Electron Spectrosc. Relat. 
Phenom. 1989, 48 (1), 117-123. 
111. Ardizzone, S.; Bianchi, C. L.; Tirelli, D., Mn3O4 and γ-MnOOH powders, preparation, phase 
composition and XPS characterisation. Colloids Surf. A Physicochem. Eng. Asp. 1998, 134 
(3), 305-312. 
112. Fox, R. K.; Swinehart, D. F.; Garrett, A., The equilibria of manganese hydroxide, Mn(OH)2, 
in solutions of hydrochloric acid and sodium hydroxide. J. Am. Chem. Soc. 1941, 63 (7), 1779-
1782. 
113. Parks, G. A., Surface and interfacial free energies of quartz. J. Geophys. Res. Sol. Ea. 1984, 
89 (B6), 3997-4008. 
114. Barranco, F. T.; Dawson, H. E.; Christener, J. M.; Honeyman, B. D., Influence of aqueous pH 
and ionic strength on the wettability of quartz in the presence of dense non-aqueous-phase 
liquids. Environ. Sci. Technol. 1997, 31 (3), 676-681. 
115. Waychunas, G. A.; Kim, C. S.; Banfield, J. F., Nanoparticulate iron oxide minerals in soils 
and sediments: unique properties and contaminant scavenging mechanisms. Journal of 
Nanoparticle Research 2005, 7 (4-5), 409-433. 
116. Kosmulski, M., Compilation of PZC and IEP of sparingly soluble metal oxides and 
hydroxides from literature. Advances in colloid and interface science 2009, 152 (1), 14-25. 
117. Liu, X., Heterogeneous nucleation or homogeneous nucleation? J. Chem. Phys. 2000, 112 
(22), 9949-9955. 
118. Birkner, N.; Navrotsky, A., Thermodynamics of manganese oxides: Effects of particle size 
and hydration on oxidation-reduction equilibria among hausmannite, bixbyite, and pyrolusite. 
Am. Mineral. 2012, 97 (8-9), 1291-1298. 
119. Navrotsky, A.; Ma, C.; Lilova, K.; Birkner, N., Nanophase transition metal oxides show large 
thermodynamically driven shifts in oxidation-reduction equilibria. Science 2010, 330 (6001), 
199-201. 
120. de Leeuw, N. H.; Cooper, T. G., Surface simulation studies of the hydration of white rust 
Fe(OH)2, goethite α-FeO(OH) and hematite α-Fe2O3. Geochim. Cosmochim. Acta 2007, 71 
(7), 1655-1673. 
121. Duarte, R. A.; Ladeira, A. C., study of Manganese removal from Mining effluent. Mine Water-
Managing the Challenges (IMWA 2011, Aachen, Germany) 2011, 297-300. 
122. Gillispie, E. C. Sources and Environmental Factors Controlling Manganese Distributions in 
Well Water of the North Carolina Piedmont. 2014. 
123. LaBar, J.; Nairn, R.; Canty, G., Generation of 400-500 mg/L alkalinity in a vertical anoxic 
limestone drain. Proc. Am. Soc. of Mining and Reclamation, Richmond, VA 2008, 551-563. 
124. Ziemkiewicz, P.; Skousen, J. G.; Brant, D.; Sterner, P.; Lovett, R., Acid mine drainage 
treatment with armored limestone in open limestone channels. J. Environ. Qual. 1997, 26 (4), 
1017-1024. 
125. Hu, Y.; Neil, C.; Lee, B.; Jun, Y.-S., Control of heterogeneous Fe (III)(hydr) oxide nucleation 
and growth by interfacial energies and local saturations. Environ. Sci. Technol. 2013, 47 (16), 
9198-9206. 
126. Li, Q.; Fernandez-Martinez, A.; Lee, B.; Waychunas, G. A.; Jun, Y.-S., Interfacial Energies 
for Heterogeneous Nucleation of Calcium Carbonate on Mica and Quartz. Environ. Sci. 
Technol. 2014. 
127. Jun, Y.-S.; Giammar, D. E.; Werth, C. J., Impacts of geochemical reactions on geologic 
carbon sequestration. Environ. Sci. Technol. 2012, 47 (1), 3-8. 
214 
 
128. Teixeira, J., Small-angle scattering by fractal systems. J. Appl. Crystallogr. 1988, 21 (6), 781-
785. 
129. Liao, H.-C.; Tsao, C.-S.; Shao, Y.-T.; Chang, S.-Y.; Huang, Y.-C.; Chuang, C.-M.; Lin, T.-
H.; Chen, C.-Y.; Su, C.-J.; Jeng, U. S.; Chen, Y.-F.; Su, W.-F., Bi-hierarchical nanostructures 
of donor–acceptor copolymer and fullerene for high efficient bulk heterojunction solar cells. 
Energy Environ. Sci. 2013, 6 (6), 1938-1948. 
130. Churchill, H.; Teng, H.; Hazen, R. M., Correlation of pH-dependent surface interaction forces 
to amino acid adsorption: Implications for the origin of life. Am. Mineral. 2004, 89 (7), 1048-
1055. 
131. Liu, X. Y.; Sawant, P. D., Micro/Nanoengineering of the Self-Organized Three-Dimensional 
Fibrous Structure of Functional Materials. Angew. Chem. 2002, 114 (19), 3793-3797. 
132. Du, N.; Liu, X. Y.; Hew, C. L., Ice nucleation inhibition mechanism of antifreeze by antifreeze 
protein. J. Biol. Chem. 2003, 278 (38), 36000-36004. 
133. Morgan, J. J. Chemistry of Aqueous Manganese II and IV: A Thesis. Harvard University, 
1964. 
134. Luther, G., The frontier-molecular-orbital theory approach in geochemical processes. 1990. 
135. Duval, Y.; Mielczarski, J.; Pokrovsky, O.; Mielczarski, E.; Ehrhardt, J., Evidence of the 
existence of three types of species at the quartz-aqueous solution interface at pH 0-10: XPS 
surface group quantification and surface complexation modeling. J. Phys. Chem. B 2002, 106 
(11), 2937-2945. 
136. Nesbitt, H.; Banerjee, D., Interpretation of XPS Mn (2p) spectra of Mn oxyhydroxides and 
constraints on the mechanism of MnO2 precipitation. Am. Mineral. 1998, 83 (3), 305-315. 
137. Yang, Y.; Zhang, S.; Wang, S.; Zhang, K.; Wang, H.; Huang, J.; Deng, S.; Wang, B.; Wang, 
Y.; Yu, G., Ball milling synthesized MnOx as highly active catalyst for gaseous POPs 
removal: significance of mechanochemically induced oxygen vacancies. Environ. Sci. 
Technol. 2015, 49 (7), 4473-4480. 
138. Tang, C. Y.; Kwon, Y.-N.; Leckie, J. O., Probing the nano- and micro-scales of reverse 
osmosis membranes—A comprehensive characterization of physiochemical properties of 
uncoated and coated membranes by XPS, TEM, ATR-FTIR, and streaming potential 
measurements. J. Membrane Sci. 2007, 287 (1), 146-156. 
139. Ramesh, K.; Chen, L.; Chen, F.; Liu, Y.; Wang, Z.; Han, Y.-F., Re-investigating the CO 
oxidation mechanism over unsupported MnO, Mn2O3 and MnO2 catalysts. Catal. Today 2008, 
131 (1), 477-482. 
140. Gorlin, Y.; Jaramillo, T. F., A Bifunctional Nonprecious Metal Catalyst for Oxygen 
Reduction and Water Oxidation. J. Am. Chem. Soc. 2010, 132 (39), 13612-13614. 
141. Liu, B.; Hu, X.; Xu, H.; Luo, W.; Sun, Y.; Huang, Y., Encapsulation of MnO Nanocrystals in 
Electrospun Carbon Nanofibers as High-Performance Anode Materials for Lithium-Ion 
Batteries. Sci. Rep. 2014, 4. 
142. Cerrato, J. M.; Hochella Jr, M. F.; Knocke, W. R.; Dietrich, A. M.; Cromer, T. F., Use of XPS 
to identify the oxidation state of Mn in solid surfaces of filtration media oxide samples from 
drinking water treatment plants. Environ. Sci. Technol. 2010, 44 (15), 5881-5886. 
143. Kuezma, M.; Devaraj, S.; Balaya, P., Li2MnSiO4 obtained by microwave assisted 
solvothermal method: electrochemical and surface studies. J. Mater. Chem. 2012, 22 (39), 
21279-21284. 
144. Kashyap, S.; Woehl, T. J.; Liu, X.; Mallapragada, S. K.; Prozorov, T., Nucleation of Iron 
Oxide Nanoparticles Mediated by Mms6 Protein in Situ. ACS Nano 2014, 8 (9), 9097-9106. 
215 
 
145. Theil, E. C., Ferritin protein nanocages use ion channels, catalytic sites, and nucleation 
channels to manage iron/oxygen chemistry. Curr. Opin. Chem. Biol. 2011, 15 (2), 304-11. 
146. Bode, S. A.; Minten, I. J.; Nolte, R. J.; Cornelissen, J. J., Reactions inside nanoscale protein 
cages. Nanoscale 2011, 3 (6), 2376-89. 
147. Flenniken, M. L.; Willits, D. A.; Brumfield, S.; Young, M. J.; Douglas, T., The Small Heat 
Shock Protein Cage from Methanococcus jannaschii Is a Versatile Nanoscale Platform for 
Genetic and Chemical Modification. Nano Lett. 2003, 3, 1573-1576. 
148. Douglas, T.; Strable, E.; Willits, D.; Aitouchen, A.; Libera, M.; Young, M., Protein 
Engineering of a Viral Cage for Constrained Nanomaterials Synthesis. Adv. Mater. 2002, 14 
(6), 415-418. 
149. Douglas, T.; Young, M., Host–guest encapsulation of materials by assembled virus protein 
cages. Nature 1998, 393, 152-155. 
150. Mann, S.; Meldrum, F. C., Controlled Synthesis of Inorganic Materials using Supramolecular 
Assemblies. Adv. Mater. 1991, 3 (6), 316-318. 
151. Jutz, G. n.; van Rijn, P.; Santos Miranda, B.; Böker, A., Ferritin: a versatile building block for 
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